Illustrated World of Science Encyclopedia 


Chemistry Il: 
INORGANIC AND 
ANALYSIS 


‘HE WORLD OF SCIENCE 


Cat ai 


$ beet 
STEEL INGOT DURING WEIGHING—The oxi- 
dized layer on the Surface of the incandescent 
Mass tends to break away from the steel ingot. | 


| THE WORLD OF SCIENCE 


VOLUME 
11 
CHEMISTRY II 


Inorganic Chemistry and Analysis 


with 


The Illustrated Science Dictionary 


CREATIVE WORLD PUBLICATIONS, INC. 
CHICAGO 


Copyright © 1971 by CREATIVE WORLD PUBLICATIONS, INC. 
Illustrations copyright © 1966 by Fratelli Fabbri Editori. 


THE WORLD OF SCIENCE ENCYCLOPAEDIA has been trans- 
lated and adapted from SCIENZA: ENCICLOPEDIA TECNICA E 
SCIENTIFICA by Fratelli Fabbri Editori, Milan, Italy. 


THE ILLUSTRATED SCIENCE DICTIONARY, copyright © 1971 
by F. E. Compton Co., appears with full permission of the publisher, 
F. E. Compton Co., Chicago, Illinois. 


All rights—including but without limitation copyright of text, draw- 
ings or any part of them, and the copyright of translations into any 
language—are reserved to the copyright proprietors. 


No part of this work may be reproduced or utilized in any form by 
any means, electronic or mechanical—including but without limita- 
tion photocopying, recording, or by any information storage and 
retrieval system—without permission in writing from the copyright 
proprietors. 


Library of Congress Catalog Card Number: 71-139118 
Typesetting primarily by SSPA Typesetting, Inc., Carmel, Indiana 


Filmwork by Widen Engraving Co., Madison, Wisconsin 
Printed and bound in U.S.A. by W. A. Krueger Co., Brookfield, Wisconsin 


VOLUME 11 


CHEMISTRY II 
Inorganic Chemistry and Analysis 


Mixtures and Chemical 
Combinations 

The Kinetics of Reactions 
Valence 

Catalysis 

Chemical Reactions 

Chemical Reactions Involving 
Free Radicals 

Free Radical Chain Reactions 
Photochemical Reactions 
Chemical Equilibria 

Oxidation 

Oxidation-Reduction Reactions 
Oxidizing Agents and Reducing 
Agents 

Acids and Bases 

The Strength of Acids and Bases 
pH 

The Experimental Determination 
of pH 

Salt Formation 

Indicators 

Electrochemistry 
Electrochemical Cells 

Storage Batteries 

Chemical Bonds 

Atoms and Crystals 


87 
91 
95 
98 
101 
104 
109 


112 


114 
117 
120 
124 
127 
129 
132 
136 
139 
142 
144 
147 
152 
157 


161 


Stoichiometry 
Gram-Molecular Weight 

The Movement of Molecules 
Brownian Movement 
Molecular Structure 
Diatomic Molecules 
Determination of Molecular 
Weight 

The Determination of Specific 
Gravity 

Capillarity 

Equilibria Between Two Phases 
Solubility 

Diffusion in Solids 
Adsorption 

Equilibrium Diagrams 
Solutions 

Single-Component Systems 
Two-Component Systems 
Three-Component Systems 
Vapor Pressures 

Dry Chemical Analysis 

The Flame in Chemistry 
Qualitative Wet Chemical 
Analysis 

Illustrated Science Dictionary 
(inductive method to lava) 


VoLuME 11 


CHEMISTRY II 


Concepts of Chemistry 


INTRODUCTION 


Chemistry is more than a study of ele- 
ments and their properties. More prop- 
erly, it is a science devoted to examining 
the vast number of interactions among 
chemical species. In fact, the scope of 
chemistry has become so extensive that 
it has been divided into several subdis- 
ciplines. 

The traditional chemistry practiced for 
several centuries approaches most closely 
the modern field of inorganic chemistry. 
This field is responsible for studying in- 
teractions among the elements, Because 
of the length of time inorganic chemistry 
has been studied, the interests of scien- 
tists in this field today bear little resem- 
blance to those of the past. Contemporary 
inorganic chemists are concerned with 
the interesting structures of boron and 
phosphorus compounds, primarily be- 
cause of boron’s unusual ability to bond 
to itself, and because of the importance 
of phosphorus compounds to modern so- 
ciety. Also currently important is the 
catalysis of chemical and physical reac- 
tions by the noble metals and transition 
metals. 

Carbon, like boron, is capable of bond- 
ing to itself and other elements, thereby 
forming a large number of compounds. 
For this reason and because of the im- 
portance of carbon compounds in living 
systems, a separate branch of chemistry— 
organic chemistry—has developed just for 
the study of these compounds. This ac- 
tive field is responsible for the develop- 
ment of many important chemical prod- 
ucts, from plastics to drugs. Reflecting 
this importance, Volume 12 of this series 
has been entirely devoted to organic 
chemistry. 

The complexity of chemical interac- 
tions and the sophisticated tools neces- 
sary for their study have given rise to 
another branch of chemistry—physical 
chemistry. This field draws heavily on 
recent advances in physics and the sci- 
ence of measurements to characterize, 
examine, and analyze chemical systems 
theoretically. Physical chemistry is re- 
sponsible for many advances in other 


fields of chemistry, since these fields ofte 
rely on its concepts to predict the behay 
ior of chemical entities. 

Because it is necessary to test for purit 
of inorganic and organic substances an 
to analyze mixtures of them, the field « 
analytical chemistry was formed. Th 
branch of chemistry traditionally serve 
a subsidiary function and was used 
determine the chemical composition of 
sample by means of various chemi: 
. Although older analytical metho 
modern analyti 


tesi 
are still employed, 
chemistry encompasses a far greater ar 
and has, indeed, become the science 


measurement of chemical systems, Ph 
ical testing methods such as spectroscoj 
electrochemistry, and even nuclear re 
tions are now used by the analytic! 
chemist. 

Although the divisions of chemist y 
have arisen as described, it is becomi: g 
increasingly recognized that each bran. h 
depends extensively on the other branch: s 
and other sciences. For example, ! 
importance of chemistry to biolog 
systems has caused the field of bioch: 
istry to become recognized as perhaps 
most significant area of chemical resea 
Also, the necessity for industrial imy 
mentation of chemical processes has 
celerated the development of chemi al 
engineering. 

This volume treats the concepts of 
chemistry on which all the fields of chetn- 
istry must draw, from the most basic cis- 
tinctions between mixtures and chemical 
compounds to various aspects of nuclear 
chemistry. Types of reactions, the nature 
of chemical reactions, and the ways in 
which atoms combine are discussed. 
Physical characteristics of chemical sys- 
tems are also examined, and simple 
techniques of chemical analysis are in- 
troduced, From these, the most basic con- 
cepts of chemistry, have come the ad- 
vances in knowledge responsible for 
much of today’s technological progress. 


Gary M. Hierrye, Ph.D. 
Assistant Professor of Chemistry, 
Department of Chemistry, 
Indiana University 


MIXTURES AND CHEMICAL 


PREPARE A MIXTURE — Powdered 
ixed with iron filings to form a mix- 
= components can easily be sepa- 
2chanical means. 


MIXTURE OF SULFUR AND IRON—Some iron 
filing d sulfur are placed in a mortar (the 
ratio d be 3:5 by weight) and blended 
together with a pestle until the mixture turns 
a grayish color and the particles of iron and 


sulfur are indistinguishable from each other. 
2 


JMBINATIONS | 


in chemistry 


This article describes how to prepare 
iron(II) sulfide and hydrogen sulfide. 
Before going into details, however, it is 
necessary to mention a concept that is of 
great importance in chemistry—the differ- 
ence between a mixture and a compound. 
A mixture is an intimate blend of par- 
ticles (which may be submicroscopic) of 
different substances. Even though the 
particles are perfectly blended, they do 
not react with each other and they can 
be separated by mechanical methods, An 
example of a mixture is powdered sulfur 
and iron filings stirred together; the iron 
is easily separated from the sulfur by a 
magnet. 

In preparing iron(II) sulfide and hy- 
drogen sulfide, the materials needed are: 


marriage and divorce 


30 to 50 g of powdered sulfur; 50 g of 
fine iron filings; 50 g of hydrochloric acid; 
several test tubes; 1 beaker (any size); 
1 Bunsen burner; 1 mortar and pestle; and 
1 magnet. 

The mixture is prepared by first weigh- 
ing out a little more than 3 g of sulfur 
and a little more than 5 g of iron filings 
on scales accurate to the gram. Without 
scales, it is possible to weigh out a quan- 
tity of iron and a quantity of sulfur so 
that the weight ratio is 3:5 (the volumes 
are approximately the same). The iron 
and sulfur are placed in the mortar and 
blended together with the pestle until the 
mixture turns a grayish color and the 
particles of iron are indistinguishable 
from the particles of sulfur. This is the 


eee 
SEPARATING THE MIXTURE—A magnet sep- 
arates the components of the mixture, proving 


that the two substances have blended phys- 
ically, not chemically. 


COMBINATION BETWEEN IRON AND SULFUR 
—A wooden clothespin or clamp is used to 
hold a test tube containing a little of the iron- 
sulfur mixture over a Bunsen burner flame 
(Illustration 4a). When the mixture is heated 


mixture; the iron and sulfur are not chem- 
ically bound together—they can be sep- 
arated simply by dipping a magnet into 
the mixture. This is proof that the two 
elements are mixed and not chemically 
combined. 

The chemical combination—the reac- 
tion between iron and sulfur— is initiated 
by placing 2 or 3 g of the mixture in a 
test tube and holding it over a slightly 
inclined lighted Bunsen burner. As the 
mixture is heated (this should be done 
slowly and carefully), sulfur dioxide va- 
pors are usually produced. (Windows 
should be kept open to avoid the danger 
of inhaling the sulfur dioxide vapors.) 
The sulfur melts and swells as the heat 
increases. It finally glows brightly and 
forms a brownish, almost black, mass with 
the iron as reaction takes places. The test 
tube is then removed from the flame after 
five or six minutes. The mixture will be 
red-hot. When the tube is plunged into 
a beaker half full of water, the glass will 
shatter on contact with the water and 
grains of a brownish, metallic-looking 
substance will drop out. This is the chem- 
ical compound iron(II) sulfide, prepared 
according to the reaction: 


Fe +S Fes. 


slowly and carefully, the sulfur melts, swells, 
and reacts to form a dark mass with the iron 
(Illustration 4b). 

IRON(II) SULFIDE—When the test tube con- 
taining the red-hot iron-sulfur mass is plunged 


5 


into cold water (Illustration 5), the gl will 
break and brown and metallic-lookin« ins 
will drop to the bottom of the beaker ese 
grains are the chemical compound (ll) 
sulfide. 


I »mpound is stable; the iron and 


sulf an no longer be separated by 
physical means. The new compound no 
longer has magnetic properties; it is un- 
affected by the magnetic field of the mag- 
net, Any unreacted iron filings, however, 
will be affected by the magnet. 


In the preparation of hydrogen sulfide, 
the grains of iron(II) sulfide are re- 
moved from the beaker, placed in a test 
tube, and covered with water. Two drops 
of hydrochloric acid are added and the 
tube is shaken. Reaction with HCl causes 
small bubbles of gas to escape from the 
pieces of iron(II) sulfide. This gas—hy- 
drogen sulfide—has an unpleasant odor, 
much like rotten eggs. The reaction is: 


FeS + 2HC1 > FeCl. + H-S. 


HYDROGEN SULFIDE — If hydrochloric acid 
is added to a few grains of iron(II) sulfide, a 
gas with an unpleasant odor is produced. This 
gas is hydrogen sulfide. Its acid properties are 
shown by a universal indicator (normally yel- 
low), which turns pale red (Illustration 6a). 
Lead acetate paper, which turns brown (Illus- 
tration 6b), identifies the gas as hydrogen sul- 
fide. If Ac refers to the acetate radical, the 
reaction is: 


Pb(Ac). + H2S—> PbS J + 2HAc. 


6b 


The last preparation is best done in the 
open air, in a well-ventilated room, or 
under a hood. Hydrogen sulfide is poison- 
ous, and its smell is quite intolerable to 
some people. To stop the reaction be- 
tween the acid and the iron(II) sulfide, 
the sulfide is simply washed in large 
amounts of water. 

Hydrogen sulfide can also be formed 
by destructive distillation of coal and by 
heating sulfur with hydrocarbons such as 
paraffin, petroleum oil, and methane. 


HYDROCHLORIC ACID—If sulfuric acid 
(H,SO,) is added gradually to a beaker con- 
taining common salt (NaCl), hydrochloric acid 
is produced. This substance causes a uni- 
versal indicator (normally yellow) and litmus 
paper (normally blue) to turn bright red. 


THE KINETICS 


OF REACTIONS 


A piece of iron left in the open will be 
completely rusted after a few days in 
humid weather or a few months in dry 
weather. If a flame is applied to a can 
of gasoline, the fuel will be consumed 
in a few seconds or a few minutes. 

The presence of iron in the first case, 
and of gasoline in the second, constitutes 
an unstable situation, Neither iron nor 
gasoline is stable in the presence of oxy- 
gen. Stability comes when the iron is 
combined with oxygen, and when oxygen 
is combined with the carbon and hydro- 
gen of gasoline. Once the combination 
of iron or gasoline with oxygen has 
started, it will continue by itself. The 
fact that these reactions occur, however, 
is distinguished from the rate at which 
they occur. It is the task of chemical 
thermodynamics to discover the state in 
which a mixture of substances is stable 
and not liable to react. It is the task of 
chemical kinetics to study the speed at 
which such reactions take place. 

Although both chemical thermodynam- 
ics and chemical kinetics deal with the 
development of reactions, a fundamental 
difference exists between the two. Chem- 
ical thermodynamics can establish (by 
studying the physical characteristics of 
substances) whether or not substances 
will react when mixed together. The 
speed at which that reaction will pro- 
ceed can be established by performing 
and timing the experiment. 

Chemical kinetics is, therefore, an em- 
pirical science, although it is possible to 
study the conditions under which the 
reaction is to be carried out and to pre- 
determine the factors likely to accelerate 
or slow that reaction. 


WHY CHEMICAL KINETICS 
IS STUDIED 


In producing a substance commercially, 
the first step is to determine the speed 
at which it will be produced. For ex- 
ample, if the production of a substance 
requires the introduction of two reagents 
into a reaction container, it is desirable to 
know the best speed at which to intro- 
duce them. Similarly, if heat is a factor 
in the production process, it is useful to 


systems in search 
of equilibrium 


know the temperature most favorable to 
the reaction desired, Such information 
contributes to economical and efficient 
production. 

Chemical kinetics is not only the start- 
ing point in planning chemical opera- 
tions, but the science that explains how 
reactions develop. 


CLASSIFICATION OF CHEMICAL 
REACTIONS 


Before the speed of chemical reactions 
can be studied, the reactions must be 
classified. Homogeneous reactions are 
those that take place in a single phase 
(that is, any homogeneous part of a sys- 


tem that is physically distinct anc! sep- 


arated from the others by well-c ned 
limits). Homogeneous reactions i» ‘ude 
those that develop in a solution in a 
single liquid phase) or in a mix! of 


gases (in a single gaseous phase 
mixtures are always homogeneou: 

Illustrations la, 1b, and 1c show 
geneous-phase reactions taking p 
a beaker of liquid. The liquid © 
of reagents and their reaction pı 
in solution. 

Illustration ld shows a heterog: 
phase reaction—one that takes pl. 
more than one phase. In the case 
the substances are partly solid an: 
liquid; these can be either the 


HOMOGENEOUS- AND HETEROGS 
PHASE REACTIONS—in a first-ord 
tion, the molecule reacts uninfluenced 
molecules, or the reaction speed is 
tional to the concentration of the reag! 
Illustration 1a.) In a second-order rea 
lustration 1b), the reaction occurs as 
of the collision of two molecules. 7 
tion speed is proportional to the produ 
concentrations of the two reagents. | 

order reaction (Illustration 1c), the re 
caused by the collision of three m 
Reaction speed is proportional to the 
of the concentrations of the reage 

heterogeneous reaction (Illustration 

reagents are partly solid and partly 


materials or the reaction products. Homo- 
gencovs-phase reactions can be divided 
into ¢! that take place as a result of 
the {=-formation of isolated molecules 
(suc! heir splitting); and those that 
take > as a result of two or more 
mole colliding. 

wW ı molecule undergoes reaction 
unin! vd by other molecules (TIllus- 
trati it is called a first-order re- 
actic 

v e reaction is caused by the 
colli two molecules (Illustration 
1b) second-order reaction. 

Th rder reactions are those in 
whic ee molecules must collide si- 
multi: ly for the reaction to take 
place ustration le). 

A ion of four molecules simulta- 
neou too rare to warrant practical 

M. 


cons! 


ENERGY OF REAGENTS AND REACTION 
PRODUCTS—The sphere on the left is a con- 
ventional representation of a highly unstable 
molecule which is not in equilibrium. On the 
right, the molecule has reached equilibrium 
(as the uniform color symbolically shows) after 
splitting and liberating its excess internal en- 


ergy. 


In either a liquid or a gas, the mole- 
cules are in constant motion and fre- 
quently collide, although generally only 
two molecules are involved in each col- 
lision. Occasions in which three mole- 
cules collide are rarer, which means that 
third-order reactions generally proceed 
more slowly than first- or second-order 
reactions. 


FIRST-ORDER REACTIONS 


Some molecules are unstable, in that 
they may split spontaneously—not as a 
result of external causes, but because of 
factors inherent in their structure. The 
energy content of such a molecule is ex- 
tremely high in comparison with that of 
the products after it splits; the difference 
in energy is liberated by the splitting. 
Illustration 2 shows such an unstable 
molecule as the left (banded) sphere; 
the right sphere represents the same 
molecule after splitting and releasing its 


internal energy—the molecule is now in 
equilibrium, symbolically indicated by 
one color. 

Before examining the law governing 
this process of decomposition reaction, it 
is interesting to note that the law is ap- 
plicable not only to molecules but also 
to atomic nuclei that undergo the re- 
action known as radioactive disintegra- 
tion. The nuclei of a radioactive element 
all disintegrate because of their internal 
instability rather than as the effect of ex- 
ternal forces. 

The law is as follows: The speed at 
which a first-order reaction proceeds de- 
pends on the concentration of substance 
undergoing transformation. The greater 
the instability of this substance, the 
greater the reaction speed. Furthermore, 
this speed is at all times proportional to 
the quantity of matter (that is, to the 
number of unstable molecules or radio- 
active atoms) still to undergo transfor- 
mation. 


SECOND-ORDER REACTIONS 


Second-order reactions occur when two 
molecules collide. A typical example of 
such a reaction is: 


hydrogen + iodine = hydrogen iodide 
H+ I> 2HI 


where a molecule of hydrogen must col- 
lide with a molecule of iodine for the 
reaction to take place, which it does in 
the gaseous phase. The law governing 
second-order reactions states that the re- 
action speed is proportional to the prod- 
uct of the concentrations of the two rea- 
gents and inversely proportional to the 
concentration of the reaction product. 
This is clear from the fact that a colli- 
sion between two different molecules, 
which makes the reaction possible, is the 
more probable the more molecules of the 
two types there are in a given volume. 
Because the reaction product is also ca- 
pable of redissociating into its compo- 
nents, this causes the reverse depen- 
dence. 


THE EFFECT OF 
TEMPERATURE 


In both liquids and gases it is the tem- 
perature that determines the speed at 
which collisions between molecules oc- 
cur. The higher the temperature, the 
greater the speed at which the mole- 
cules in a fluid move (Illustration 3). At 
higher temperatures, therefore, the av- 
erage number of molecule collisions is 
greater and the ensuing reactions nor- 
mally proceed at a higher speed. Illus- 
tration 3 shows molecules of water; the 
large spheres are oxygen atoms and the 
small ones hydrogen atoms. If two mole- 
cules of water collide at high speed, they 
may split, as evidenced by the fact that 
heating water vapor to many thousands 
of degrees causes the molecules to col- 
lide much more frequently and to split 
into hydrogen and oxygen atoms. 


CRITICAL ACTIVATION ENERGY 
AND DIVISION OF INTERNAL 
ENERGY 


The simplest way of explaining how a 
reaction such as a second-order reaction 
works is to attribute the cause of the re- 
action to a collision between the two re- 
acting molecules. However, the collision 


INFLUENCE OF TEMPERATURE ON REAC- 
TION SPEED—As the temperature rises, mole- 
cules of water (the large spheres in the illus- 
tration are the oxygen atoms; the small ones 
are hydrogen atoms) increase their speed and 
thus the frequency with which they collide. 


hypothesis, although necessary, is not 
sufficient to justify the occurrence of the 
reaction. The justification needed is that 
a molecule should, during collision, ac- 
quire a quantity of energy exceeding a 


minimum value known as the critical 
activation energy, or the activation en- 
ergy. If the molecules in collision are not 
activated—that is, if they do not «cquire 
energy over and above critical « ergy— 
the collision does not provoke a »~ ction. 

However, this activated collisio theory 
depends on the hypothesis that m scules 
can be regarded as rigid sp! and 
that they reach the level of cri acti- 
vation energy simply by increa their 
kinetic energy as a result of colli- 
sion. This may be true in t} se of 
some of the simpler molecule it is 
not true in the case of slightly com- 
plex molecules, whose inter nergy 
consists of other forms of enc ich as 
rotational energy, vibrational „and 


THREE WAYS OF STORING EN NSIDE 


MOLECULES—lilustration 4a poly- 
atomic molecule. Part of the € stored 
in it is due to the speed with w moves 
in a straight line. It is said to trans- 


lational energy. 
Illustration 4b is a diatom! ule, It 


can be imagined as a pair « s held 
together by a spring, in which the two 
atoms can vibrate around the p of equi- 
librium. When two such mole collide, 
part of the translational energy ossess 
is transferred to the vibration ype of 
energy is known as vibrationa' 

Another diatomic molecule wn ro- 
tating in Illustration 4c. If it cc ith an- 
other molecule its rotation m and if 
it is accelerated it will then cor jreater 
quantity of the type of energy as ro- 
tational energy. 

COLLISION BETWEEN TWO DI⁄ MOL- 
ECULES IN ROTATION—Even |i mole- 
cules are in slow movement whe collide, 
the impact between their touch rts will 
still be violent because they a ating in 


the manner shown here. 


STE =&CT—In the case of many mole- 
cule: lision does not indiscriminately 
trigg tion. The parts of the molecules 
that o contact with each other must 


t favor the development of the 
is known as the steric effect. 
1 shows the collision of two like 


mol thout a reaction occurring; the 
sary »lecules, positioned as shown in 
Mu 3, would react on collision. 

kine ‘rgy. What happens, then, is 
that cules involved in a collision 
acq ertain quantity of energy that 
is t} listributed (how this occurs is 
not vn) among the various coordi- 
nate inetic energy, rotational energy, 
and ational energy. However, only 
one particular distribution of energy, of 


all t possible, can cause the mole- 
cule react. (Imagine, for example, 
three Cartesian axes inside each mole- 
cule, axes among which the energy is 
shared out.) 


EXPLOSIVE REACTIONS 


The actual development of a reaction 
may in special circumstances bring about 
the very conditions that accelerate it. 
An example of this is the rapid increase 
in pressure that takes place during the 
decomposition of a substance such as 


CATALYSTS—Catalysts are substances that 
initiate a reaction without taking part in it. 
Their effect is somewhat as shown here. Two 
triatomic molecules (red) would not react if 
they came into direct contact with each other. 
If, however, they collide with two molecules 
or atoms of a catalyzing substance before 


nitroglycerin, causing the decomposition 
of molecules adjacent to others already 
decomposed. The propagation of the phe- 
nomenon of decomposition takes place 
so quickly that the reaction is said to be 
explosive. This type of reaction is not 
only typical of so-called explosive sub- 
stances; it may also occur with other sub- 
stances considered perfectly innocuous. 


REACTIONS BETWEEN 
HETEROGENEOUS PHASES 


The laws governing the development of 
these reactions are difficult to determine, 
in that they depend on many factors. 
Without going too deeply into the sub- 
ject, it should be mentioned that the 
speed at which these reactions develop 
depends not only on many of the factors 
affecting homogeneous-phase reactions 
but also on the extent of the contact 
surface between the two reacting sub- 
stances. The speed at which coal burns, 


coming into contact with each other, they 
undergo internal transformations that will 
cause them to react if they touch. Throughout 
the reaction, the catalysts themselves remain 
unaltered, or are returned to their original 
form. Catalysts modify the reaction speed 
without being altered. 


for example, depends on how much of 
its surface is in contact with the air, 
which is why breaking coal into small 
pieces (the smaller the better) causes 
it to burn quicker. 

In the case of the solid propellant 
charges used in rockets, the speed at 
which combustion travels through the ex- 
posed surface of the charge is extremely 
critical in performance calculations. If 
the burning area increases, the rocket 
thrust increases; if the burning area de- 
creases, the thrust decreases, Either con- 
dition—progressive burning and regres- 
sive burning, respectively—may be desir- 
able; or, neutral burning, in which the 
speed of combustion and the amount of 
propellant consumed are constant, may 
be desired. In any case, speed of combus- 
tion depends on how much area of the 
combustible substance—the propellant—is 
in contact with the air as combustion 
proceeds: this speed is predetermined by 
the shape of the charge. 


VALENCE | 


In a gas composed of atoms floating 
through space, the atoms react with each 
other only by accident, when they col- 
lide. The familiar material world presents 
quite a different picture. The universe 
consists to a large extent of relatively 
compact objects; the Earth is no excep- 
tion. Most of the atoms of the Earth are 
closely packed together to form an al- 
most spherical mass. 

What forces govern the world of mat- 
ter and bring order out of chaos? In 
most cases these forces involve action-at- 
a-distance. Each atom exerts an influence 
on its neighbors inside a certain radius. 
Thus, there is some degree of “communi- 
cation” between atoms, This communica- 
tion often takes the form of chemical 
bonds, in which chemical union occurs 
between atoms. 


METHANE MOLECULE—The carbon atom is 
surrounded by four hydrogen atoms, and joined 
to them by single bonds, The hydrogen atoms 
each occupy the vertices of a regular tetra- 
hedron (dotted line), at the center of which 
lies the carbon atom. 


HYDROGEN MOLECULE—Two hydrogen atoms 
joined by a covalent bond make up the gase- 
ous hydrogen molecule, 


the combining 
capacity of atoms 


Considered in isolation, every atom has 
this combining capacity, which is referred 
to as an atom’s valence in relation to other 
atoms. The term valence is used when 
combining capacity is discussed in quan- 
titative terms. An atom of carbon (C), for 
example, is capable of bonding with four 
atoms of hydrogen (H) to form the meth- 
ane molecule (CH,). Thus, carbon is said 
to have a valence of 4, with respect to 


BETA QUARTZ—Each atom of silicon (violet) 
in a crystal of quartz (SiO2) is located at the 
center of a tetrahedron. The vertices of these 
tetrahedra are occupied by oxygen atoms (yel- 
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hydrogen for the methane molecule. 
The aggregates of particles formed 
the chemical union of atoms vary cor 
erably in size. The smallest of thes: 
the molecule of gaseous hydrogen, w! 
consists of two atoms (Hə), whil 
quartz crystal (SiO.) is an aggregat 
indefinite extent. Each atom of silic 
a quartz crystal is located at the « 
of a tetrahedron, the vertices of w 


low). Each of the oxygen atoms is then 
mon to another tetrahedron, and so on thr 
out the crystal. 


SODIU? ORIDE (COMMON SALT)—This 
diagrai the perfectly symmetrical struc- 
ture o sial of common salt. Each atom 
of sod d) is surrounded at equal dis- 
tance atoms of chlorine (green). Simi- 
larly, < om of chlorine is surrounded by 
six ato sodium, again at equal distances 
(Illustr ia). Illustration 4b shows the rela- 
tive sier 2 ions in the NaCl crystal lattice. 
are oci d by atoms of oxygen. Each 
oxygen 2iom, however, is part of an adja- 
cent tetrahedron, This sharing extends 
throughout the crystal (a quartz crystal 


with à volume of 1 mm? contains millions 
of tetrahedra, each one linked to the 
next), 

The term molecule is generally used to 
describe aggregates of atoms in which 
the bonding forces between atoms more 
or less are equal. These forces are known 
as interatomic forces. Examples include 
the forces between carbon and hydrogen 
in the methane (CH4) molecule, between 
hydrogen and hydrogen in the gaseous 
hydrogen molecule (H2), and between 
silicon and oxygen in a quartz crystal 
(SiO2). By the terms of this definition a 
quartz crystal should by rights be re- 


garded as a perfect example of a mole- 
cule, It is more usual, however, to use the 
expression “molecular structure” when a 
molecule is of these proportions. 

In many cases the chemical formula of 
a compound will give a clear idea of the 
structure of its molecule (methane, CH,, 
for example). This does not always hold 
true, however. A formula such as SiO» 
(quartz) might suggest an equally simple 
molecule consisting of an atom of silicon 
surrounded by two atoms of oxygen, but 
this is not the case. Chemical formulas 
often fail to give an adequate description 
of molecular structure, which is fre- 
quently quite complex. 


The combining capacity of the atoms 
of a molecule does not come to an end 
when the molecule is formed. Molecules 
can also link up with each other. The 
forces that make this possible, called in- 
termolecular forces, are weaker than in- 
teratomic forces. The difference between 
the two types of force is one of degree 
only. There is no sharp dividing line be- 
tween them. 

Cohesion and rigidity in solids are 
sometimes the result of strong interatomic 
forces, This is the case with quartz and 
also sodium chloride (NaCl), in which 
every atom of sodium is surrounded at 
equal distances by six atoms of chlorine 


CELLULOSE IN A SHEET OF PAPER— Ar- 
ranged in long chains, the molecules are 
held together by intermolecular forces. Each 
chain is flanked by others of the same kind, 


with intermolecular bonds forming the links 
between chains and giving the paper its char- 
acteristic properties. 
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CARBON DIOXIDE—The molecule is formed 
of one atom of carbon (gray) and two atoms 


of oxygen (yellow). The carbon atom is joined 
to each oxygen atom by a double bond. 


(and vice versa). The result is a perfectly 
symmetrical structure. 

In other cases the stability of a solid is 
due to intermolecular forces between 
neighboring molecules. A sheet of paper, 
for example, owes its compactness and 
structural integrity to the intermolecular 
forces at work between individual mole- 
cules of cellulose. It is bonds of this sort 
that are broken when a piece of paper is 
torn, the weaker bonds reaching the 
breaking point first. 


VALENCE SATURATION 


In the example of methane (CH,), car- 
bon has a valence of 4 with respect to 
hydrogen; each atom of carbon is sur- 
rounded by four atoms of hydrogen. In 
carbon dioxide (CO2), each atom of car- 
bon is surrounded by two atoms of oxy- 
gen, and it might be concluded that the 
valence of carbon with respect to oxygen 
is 2 in carbon dioxide. Since no com- 
pounds exist in which one atom of carbon 
has more than four atoms of hydrogen or 
more than two atoms of oxygen around 
it, however, it must be deduced that the 
bonding potential of carbon is “satu- 
rated” equally well by four hydrogen 
atoms or two oxygen atoms. Thus, 4-H 
and 2-0, or, in terms of proportion, 2-H 
and 1-O, must somehow be “equivalent” 
in their capacity to saturate carbon. 

This equivalence is found also with re- 
spect to atoms other than carbon, es- 
pecially in water (H2O). These and other 
considerations involving many different 
types of atom led historically to a model 
of valency, Each atom is thought of as 
having a certain whole number of valen- 
cies capable of being saturated by an 
equal number of valencies from other 
atoms. To put it metaphorically, each 
atom has a certain number of “hooks” that 
interlock with the hooks of other atoms 


(Illustration 7). Hydrogen, for example, 
is said to have a valence of 1, since there 
are no compounds in which hydrogen is 
bonded to more than one atom (there are 
exceptions to this rule, but they do not 
alter its meaning). Oxygen, on the other 
hand, has a valence of 2; in water (H20), 
the oxygen atom is saturated by two 
atoms of hydrogen. Carbon has a valence 
of 4, which may be saturated by four uni- 
valent hydrogen atoms or by two bivalent 
oxygen atoms: 


o H 
ATN | 
H H H—C—H 0=C=0 
| 
H 


The bond between two atoms is said 
to be a single bond if there is one attach- 
ment “hook” (or valence) for each atom 
(as in water and methane), and a double 
bond if there are two hooks (or valences) 
for each atom (as in carbon dioxide); 
triple and quadruple bonds are also 
known. 

Every atom has either one or more 
valences capable of being saturated. So- 
dium, for example, always has a valence 
of 1, whereas tin may have valences of 
2 or 4. Tin thus forms two series of 
compounds—tin(II) and tin(IV). In the 
chlorides of tin, where the chlorine is 
univalent, two compounds exist: 


Cl 
Cl-Sn-Cl and ager 
a 
tin(II) chloride tin(IV) chloride 
ELECTROVALENCE 


Certain compounds exhibit the capacity 
to split up in solution into charged par- 
ticles (ions). Positively charged ions are 


called cations and negatively charged 
ions are called anions. This phenomenon 
led to the concept of electrovalenc:. An 


ion is an atom or a group of atom: ‘hat 
has lost or gained a certain num!) > of 
elementary negative charges (elects). 
Tons are thus no longer neutral par’ les. 
To make the concept of electroy. nce 
clearer, suppose that a chloride ioù «s a 
negative charge (Cl~—) and that : as- 
sium ion has a positive charge Ja 
This can then lead to the format fa 
neutral ion-pair of potassium < ide 
(KCl) through the union of th ms, 
The bonding force is electrostati ac- 
tion between the oppositely chars ons, 

According to this theory, no 1 is 
positive or negative in absolut ms, 
but may be located in a series i ling 
the atoms of all the other elemet ‘ach 
atom in the series is positive wit!» -pect 


to the elements that follow it an nega- 
tive with respect to the elements t « pre- 
cede it. Thus hydrogen is positi with 
respect to oxygen and negative h re- 


spect to sodium, while oxygen is ative 
with respect to hydrogen and ium, 
and positive with respect to fluc 

sos Et a po 

H:O NaH Na:0 

Chemists have been able to out 

a table showing the commor tro- 
valences of the elements, positiv ctro- 
valences being referred to oxy and 
negative electrovalences to hyd n. 
WHERE THE CLASSIC THE( 
OF VALENCE FAILS 
The theory of valence summarize? above 


has little more than a qualitative value. It 
fails to offer more than practical rules for 
the most common instances where atoms 
form bonds with each other. The theory 
brings a certain amount of order to a 
collection of apparently heterogeneous 
facts (historically, this is exactly how the 
theory developed). It must be remem- 
bered, however, that the real nature of 
the chemical bond is found in the elec- 
tronic structure of bonded atoms. 

The “hook” theory of valence is clearly 
inadequate when the stable carbon-oxy- 
gen compounds carbon monoxide (CO) 
and carbon dioxide (CO) are consid- 
ered. In the former the carbon valence 


seems to be only partially saturated. The 
theory does not explain why any other 
compound in which the valences of an 


atom are only partially saturated should 
be stable. Nor is the concept of elec- 
trov capable of covering all phe- 
nomen» connected with valence. Stable 
moleci formed of equal atoms do in 
fact « Gaseous chlorine (Cle) is a 
case int, as is gaseous hydrogen 
(He) y nothing of equally stable 
mole: lids consisting of a single 
eleme etals, diamond, and so forth). 
If bo tween equal atoms do exist, 
they « be the result of attraction be- 
tweer site charges, for the constitu- 
ent à learly have equal charges of 
the s n. Ina great many cases elec- 
ATOM THEIR “HOOKS"—Every atom is 
equip etaphorically speaking, with a 
certai er of hooks that enable it to 
grasp atoms. Hydrogen has only one 
T 


- 


xygen 


carbon dioxide 


trovalence is no more than a theoretical 
aid in checking the saturation of the va- 
lences of the atoms in a compound. 


COVALENCE 


Another kind of valence of great impor- 
tance is covalence, which results from 
the sharing of two electrons by two 
atoms. The bond that consists of a pair of 
shared electrons is called a covalent bond; 
it is represented by a dash in organic 
structural formulas. A covalent bond be- 
tween two atoms consists of two elec- 
trons occupying one orbital for each 
atom. Hydrogen, Hb, is a simple example 
of a covalent molecule. 

The number of atoms surrounding any 


(in other words, a valence of one), while oxy- 
gen has two, which can be saturated by two 
hydrogen atoms. Carbon has four valence 
sites, which can be saturated by four hydro- 


hydrogen 
molecule 


oxygen molecule 


given atom in a compound is called the 
coordination number of that atom. Useful 
though this concept was for preliminary 
quantitative conclusions on valence, it is 
now essential to correct the impression 
that valence and coordination number are 
one and the same thing. It frequently 
happens, especially in solid compounds, 
that the coordination number differs, 
sometimes widely, from the valence. In 
the case of common salt, each Na+ ion 
is surrounded by six Cl~ ions, but the 
valence is one. In the case of individual 
molecules of sodium chloride in the gas- 
eous state, however, electrovalence and 
covalence do indeed coincide; that is, one 
sodium ion and one chloride ion are com- 
bined in a single molecule. 


gen atoms, as in methane (CH,), or by two 
oxygen atoms, as in carbon dioxide (CO3). 


methane 
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CATAE DA 


To some extent, all chemical reactions 
tend to go to completion, forming prod- 
ucts from the reactants. Naturally, some 
of these reactions are extremely rapid— 
for example, water formed from hydro- 
gen and oxygen. Many reactions, how- 
ever, proceed very slowly—too slowly to 
produce desired yields in a reasonable 
amount of time. For reactions of this 
type, a material can be added that speeds 
up the process, and such a material is 
called a catalyst. 

Catalysts are substances that alter re- 
action speeds while themselves remain- 
ing unchanged. In fact, a catalyst intro- 
duced into a reaction at its inception 
should be totally unchanged as to nature 
and amount on the completion of the re- 
action. 

Essentially of two types, catalysts are 
classified as positive when they acceler- 
ate reaction speed and negative when 
their effect is to slow down a reaction. 
Positive catalysts find by far the greatest 
application both in the laboratory and in- 
dustrially. In either case, it is essential to 
have a knowledge of the events taking 
place in a chemical reaction. 

The speed of a reaction is in direct 
proportion to the concentration of the 
reactants. Thus, altering the concentra- 
tions has an effect on the rate at which 
the reaction goes to completion. How- 
ever, if it is impractical or unwise to 
change the concentrations of the reac- 
tants, then the rate must be changed. 
But how? 

In chemistry, the rate (or speed) of a 


energy level 


of reactants 


CATALYTIC REACTIONS—Catalysts lower the 
energy barrier between the reagent state and 
the product state. As the graph in this illus- 
tration indicates, the energy requirement E, 
of a noncatalytic reaction is relatively higher 
than that of a catalytic reaction E. 


the governing of 
chemical reactions 


reaction is expressed as the constant, k. 
To determine the value of k, the follow- 
ing equation (called Arrhenius’ equation 
after its postulator) is used: k = A~¥/*". 
In the equation, A represents the num- 
ber of collisions of reacting species (the 
so-called frequency factor), R the gas 
constant (derived from physical laws), 
and T the absolute temperature. The en- 
ergy—often called the activation energy 
—required for the system to overcome its 
inertia is expressed as E. The latter is an 
expression of the energy needed for the 
reaction to occur, and is measured in kcal 
/mole. 

The rate of a reaction can be increased 
by changing the values of either E or T. 
However, it is not always possible to in- 
crease the temperature; therefore, this ne- 
cessitates a decrease in the energy put 
into the system. Also, the frequency of 
collisions of the reactants can be modi- 
fied, changing the value of A. In both 
instances, the desired results can be 
achieved by using catalysts. 

One effect of catalysts is to cause reac- 
tions to pass through intermediate stages 
with values for E that are lower than 
in similar noncatalyzed reactions. As 
graphed in Illustration 1, this results in 
an increased rate k. Another effect pro- 
duced by catalysts such as activated car- 
bon is an increase in the number of ionic 
or molecular collisions. Alteration of the 
value of A to a higher frequency carries 
with it a change in the speed of the 
reaction. 

Theoretically, a catalyst should come 
out of the reaction in the same state in 
which it was introduced. Sometimes, 
however, trace impurities in the reagents 
inhibit catalytic action through adsorp- 
tion by or reaction with the catalyst. This 
problem, called catalyst poisoning, is 
solved by using highly purified reagents, 
or by periodic reactivation of the catalyst 
through processes specific to the Poison. 

Although catalysts are widely used, 
their mechanism is not completely under- 
stood. However, catalysis is considered 
to be homogeneous (when both catalyst 
and reagents are in the same phase) or 
heterogeneous (when each is in a differ- 
ent phase). Various mechanisms have 
been suggested for each type of catalysis, 
but only recently have attempts been 
made to develop a unified theory. 


HOMOGENEOUS CATALYSIS 


The term “homogeneous catalysis” can be 
applied only to those reactions in the gas- 
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PLATINUM ON ALUMINA—Platinum is used 
as a catelyst in the refining of petroleum to 
make gasoline. Illustration 2a shows the un- 
used, highly active catalyst, while Illustration 
2b shows the same catalyst after three mo ths 
of use; in this state, it is inactive. How: ver, 
regeneration transforms it back into a șeful 
state (Illustration 2c). 


eous or liquid phase, where al npo- 
nents are in a similar state. 

A reaction between gases oc only 
when the reagent molecules col with 
one another. It is axiomatic that such 
reactions to occur, a definite qt ty of 
energy must be available to thy - stem. 
The presence of a catalyst ; not 
change this fundamental mechu»sm. It 
will, however, allow the formation of a 


series of intermediate compound: whose 
energy requirements are less than those 
of the reaction as a whole. 

One of the best-known and most im- 
portant examples of a gas-gas catalytic 
reaction is the oxidation of sulfur dioxide, 
SO», to sulfur trioxide, SOs; the latter 
is used in sulfuric acid production. This 
reaction is catalyzed by the presence of 
nitric oxide, NO, which acts as an oxy- 
gen carrier: 


2NO + O2.> 2NO2 
NO, + SO. > SO; + NO. 


This is a relatively direct type of reaction 
whose speed is proportional to concen- 
tration. 

A second version of a gas-gas catalytic 
reaction, this time requiring a chain of 
reactions for completion, is the oxidation 
of carbon monoxide in the presence of 
water vapor. Although the mechanism of 


has not been fully explained, 


this reacti 


one logical assumption is: 
CO + H,0> CO, + 2H 
4402> H:0. 

It would appear that the water vapor acts 
as an Ox} carrier. However, the mech- 
anism c also involve the following 
chain: 

H ), + CO > CO, + 20H 

Of [02> CO,+H 

H CO > CO: + OH. 
In this « : effect that the wall of the 
contain m molecular collisions may 
be ques If wall effects occur, this 
reactior t be a truly homogeneous 
catalysi ther point to consider is 
that ca onoxide is easily oxidized 
in the » of water vapor. Nonethe- 
less, thi ; provides a reasonable look 
at wha t occur in a chain type gas- 
phase c reaction. 

In the | phase, reactions are gen- 
erally sl han those encountered be- 
tween hence, a greater need for 
catalyst 

React ı the liquid phase that are 
catalyz: the presence of acids or 
bases a ples of homogeneous catal- 
ysis. § of these reactions have 
demon i that the ions act as the cat- 
alytic a; n fact, in certain reactions 
(the h s of esters, for example) a 
distinct ation appears to occur be- 
tween gen ion concentration and 
catalyt vity. 

Gene the reactions catalyzed by 
acids or s are characterized by proton 
transfer icid catalysis, this transfer is 


to reagent, while this direc- 

sed in basic catalysis. This 
sfer leads to the formation of 
intermediate products with lessened en- 
ergy requirements and a proportionate 
increase in reaction speed. Reactions of 
this type are especially important in or- 
ganic synthesis. 

An example of acid catalysis is pro- 
vided by the esterification of primary and 
secondary alcohols, a common organic re- 
action. In this reaction, a proton from 
the mineral acid accepts an unpaired 
electron from the alcohol. This, in turn, 
leads to the formation of an ion not un- 
like that which water forms with H+ 
cations. This newly formed ion is reacted 
on by the alcohol, forming both water 
and an ester. The following reaction 
also Tecreates the proton that is required 
in order to begin the process all over 
again: 


9 o 
ll 
R—C—OH + H+>R—C— 


(0) 
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Basic catalysis and its mechanism are 
illustrated in the condensation reaction 


OH- + H—CH,—CHO 


o~ 
+57 
CH; — C 
N, 


> CH;—CH—CH.—CHO 
| 
oe 


HETEROGENEOUS CATALYSIS 


In catalytic reactions of the heteroge- 
neous type, the catalyst is in some phase 
other than that of the reacting system. 
Normally, the catalyst is a solid, thus 
forming a solid-gas, solid-liquid, or solid- 
solid system with the reactants. However, 
when referring to heterogeneous cataly- 
sis, chemists invariably mean a solid-fluid 
system, in which the term “fluid” incor- 
porates both gases and liquids. 

It was once thought that catalysis in a 
solid-gas system was due exclusively to 
the adsorption phenomenon, the concept 
being based on the concentrations of the 
reagents at the surface of the solid. With 
the concentration so controlled, molecu- 
lar collisions would be greatest and the 
reaction rate proportionately accelerated. 
However, subsequent research deter- 
mined that catalytic activity was not pro- 


2 


of an aldehyde, one of organic chemis- 
try’s most important reactions: 


8 
H:O + CH:—CHO 


fo) 
© 4 


+ CH:— C 


catalyzed by a solid is, first, adsorption at 
adjacent points on the surface of the 
solid. Then, assuming sufficient energy, 
the reactants form intermediate com- 
pounds with surface atoms of the catalyst, 
these compounds rapidly decomposing to 
form the products. 

The work behind this hypothesis also 
showed that a catalyst is not equally ac- 
tive over its entire surface, but that the 
catalytic action was confined to activity 
centers on the surface. These centers are 
thought to consist of atoms situated at 
the vertices and corners of surface crys- 
tals, since these atoms possess residual 
charges. Further, the number of activity 
centers increases in proportion to the ir- 
regularities in the catalyst’s crystalline 
lattice. This last point indicates the use- 
fulness of increasing the specific surface 
area of a catalyst as much as possible. 
This is accomplished by using finely di- 


portional to adsorption. This led to the vided agents as opposed to solid masses. 


hypothesis that the reaction of two gases 


Certain substances, called promoters, 
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actants, rendering it inactive. Thus, tin 
- and tungsten sulfides are used to catalyze 
these reactions because of their immunity 
to the action of sulfur. 

One of the chemical industry's most 
important reactions is that of hydrog: na- 
tion. This involves the destruction of cou- 
ble bonds in unsaturated hydroca:!:ons 


and the subsequent formation of th: at- 
urated hydrocarbons. Two metal . >ta- 
lysts used in this type of reaction «| an 
alloy—Raney nickel—and carbon pa di- 
ate. Such catalysts perform the s ta- 
neous functions of reacting with m- cu- 
lar hydrogen to break the singl -H 
bond and with unsaturated hydro: ons 
to break the double C=C bond. Or this 
silica and are used in the oxidation of hydro- | is accomplished, reactions can o hat 
carbons. Illustration 3d shows silica on alu- | Jead to the formation of saturat M- 
mina, a catalyst used in cracking fuel oils. The 
basic chromate of zinc is seen in Illustrations | pounds called alkanes. Scher illy, 


3e and 3f, before and after its use in methyl | these reactions are: 
alcohol synthesis. Illustrations 3g and 3h are 


4 the cylindrical and spherical forms of a cobalt 


4 


THE CATALYST FOR ACRYLONITS —The 
cylinders in Illustration 4a and the der In 
Illustration 4b consist of vanadiu nolyb- 
denum, bismuth, and silica, and istitute 
suitable catalysts for making a nitrile 
(H,C=CHCN), a raw material used naking 
acrylic rubber and fibers. 


PA ` 
EASAN ò a 4 L NS Wi 
A COLORFUL SERIES OF CATALYSTS—lllus- and molybdenum oxide catalyst used to re- 
tration 3a is chromium oxide on alumina, a move sulfur from gasoline and fuel oils. Oxides 
catalyst used in dehydrogenating saturated of iron, chromium, and potassium (Illustration 
hydrocarbons. The spheres in Illustration 3b 3i) are catalysts in the hydrogenation of ethyl 
are used in oxidizing ethylene to ethylene benzene into styrene and of butane into buta- 
oxide, and consist of silver on alumina, The diene, while nickel and molybdenum oxides 
pierced cylinders in Illustration 3c are com- on alumina (Illustration 3j) are widely used in 
posed of bismuth and molybdenum oxides on many hydrogenation reactions. 


are capable of reinforcing the activity of 
catalysts to which they are added. Al- 
though such materials do not perform 
any direct catalytic action, they can de- 
form the crystal lattice to increase its 
surface; they can prevent the aging of the 
catalyst and prolong its useful life; or 
they can actually alter the catalyst’s sur- 
face structure. One such promoter is 
alumina. 

A characteristic example of heteroge- 
neous catalysis is seen in the synthesis of 
nitric oxide through oxidation of am- 
monia: 


4NH; + 502 > 4NO + 6H.O. 


In this reaction, the catalyst is platinum 
in the form of a mesh through which the 
reacting gases are passed. When the plat- 
inum is new, the yields are relatively 
low. As the mesh becomes etched and 
the wires develop irregularities through 
use, however, the product formation in- 
creases simply because the surface area 
and activity centers of the catalyst have 
increased. 

In the nitric oxide process, platinum 
catalysts are essential. In other instances, 
however, this material is unsuitable. For 
example, in the hydrogenation of coal 
tars, platinum would be converted to its 
sulfide by the sulfur contained in the re- 


Ha+cat > H+H 
ul 
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NEGA 'ATALYSIS 
For th part, catalysis is thought of 
as incr the speed of reactions. Cer- 
tain o ms, however, require some 
metho: wing the speed of a reac- 
tion, a uch cases the so-called neg- 
ative ts are used. They are em- 
ployed xample, when it is necessary 
to inhil ide reaction in favor of the 
princiy ction. This practice is quite 
comme organic chemistry, where 
numer reactions take place simulta- 
neousiy. Such an example is provided by 
manganese, In the form of its 2+ ion, 


manganese has the negative catalytic ef- 
fect of slowing the oxidation reaction be- 
tween acetaldehyde and acetic acid. 

Negative catalysts are sometimes used 
as stabilizers, and as such are added to 
materials that would otherwise rapidly 
undergo deterioration. For example, 
chloroform is readily converted to toxic 
phosgene (COClz) in the presence of 
light and air. The addition of a small 
percentage of ethyl alcohol stabilizes the 
chloroform, thus preventing this un- 
wanted reaction, 


OXIDATION OF ETHYLENE TO ETHYLENE 
OXIDE—Ethylene oxide is prepared on a com- 
mercial scale by use of the catalytic oxida- 
tion of ethylene by air. The catalyst is silver 
on alumina, and the reaction occurs at tem- 
peratures around 250° C (482° F): 


— 250° C CH=CH; 
CH, = CH; ————> 
catalyst (0) 


Illustrations 5a and 5b show the catalyst in 
two forms. 


PLATINUM MESH—Because platinum adsorbs 
oxygen under certain conditions, as when fine 
wire is woven into a mesh, it is an effective 
catalyst. In the form seen here, the metal Is 
used in synthesizing nitric oxide from am- 
monia, the basis for the manufacture of nitric 


RANEY NICKEL AND CARBON PALLADIATE 
—Raney nickel is obtained by treating an alu- 
minum-nickel alloy with hot sodium hydroxide. 
Because it is a pyrophoric compound, it is 
stored under alcohol in the flask. The powder 
on the watch glass is carbon palladiate. 
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CHEMICAL REACTION | "7 """"" 


A chemical reaction is that process in 
which two or more elements or com- 
pounds combine, giving rise to a substance 
or substances of a different character. The 
materials entering into combination are 
called reactants (or reagents), while those 
formed as a result of the reaction are 
called products, In the simplest of terms, 
chemists think of a chemical reaction as 
a series of events in which reactants yield 
products. In any reaction, it is funda- 
mental to understand that the products 
are totally influenced by the nature of 
the reactants and by the type of reaction 
in which they are formed, Thus—with- 
out going into elaborate detail—sunlight 
causes components in human skin to form 
vitamin D while in plants the same sun- 
light starts a reaction that leads to the 
formation of sugars. 

In order to represent chemical reac- 
tions, a system of chemical shorthand has 
been devised. In this way, the events in 
a reaction can be compared to a mathe- 
matical equation consisting of two parts. 
The first part represents the amounts of 
the various reactants and the second part 
does the same for the products. Quanti- 
tatively, amounts are stated as the num- 
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CHEMICAL REACTIONS—Chemical reactions 
can be classified into two general categories, 
one involving transfer of electrons and the 
other in which there is no variation in the oxi- 
dation state of the elements. Of the reactions 
occurring in aqueous solution, most belong in 
the latter classification, and some of these are 
illustrated here, The reactions are represented 
in both molecular and ionic forms. 

In representing a reaction in its ionic form, 
certain conventions are used: in the case of 


Bi(NOs)3+3NaOH > 3NaNO, + 
bismuth sodium sodium 
nitrate hydroxide nitrate 


> FeCl, + HS 
iron hydrogen 
chloric chloride sulfide 
acid 


+ CH;COONa > CHCOOH + NaCl 


sodium 
acetate 


acetic 
acid 


Al(OH); + 3HCl > AICI, 
hydro- aluminum 
chloric __trichlo- 
acid ride 


+ 3H.O 


ber of atoms, ions, or molecules required 
of reactants and products in any given 
equation. The substances, themselves, are 
expressed by their chemical symbol (in 
the case of atoms, ions, and certain mo- 
lecular atoms) or by their chemical for- 
mula (in the case of molecules and for 
ions containing more than one element). 
Instead of the usual equal sign common 
to mathematics, an arrow separates the 
two halves of a chemical equation. Gen- 
erally, the arrow points in the direction 
of the products, from left to right. There 
are equations, however, that use a double 
arrow, or a set of arrows, indicating that 
the reaction goes in both directions. This 
is easily clarified by considering two re- 
actions, the first requiring a single arrow 
only: 


BaCl + HSO; > BaSO, + 2HCI. 


Here, the reaction between barium chlo- 
ride, BaCl», and sulfuric acid, H2SO,, 
can lead only to the formation of barium 
sulfate, BaSO,, and hydrochloric acid, 
HCI. In other words, the reaction goes 
to completion because it continues until 
one of the reactants is used up. The left- 
to-right arrow also says that a reverse re- 


strong electrolytes the equations show only 
those ions actually taking part in the reaction; 
weak electrolytes and nonelectrolytes are writ- 
ten in molecular form; and substances that 
are either slightly soluble or are insoluble are 
shown underlined as molecules. Finally, if 
one of the products is a precipitate, It is indi- 
cated as such by an arrow pointing down- 
ward. But, if one of the products is a gas, an 
arrow pointing upward indicates this. 


Bi(OH); 
bismuth 
hydroxide 


Bi+++ +30H- -> Bi(OH), | 


FeS + 2H+> Fet+++H.S} 


H+ + CH;COO- > CH,COOH 
sodium 
chloride 


Al(OH)3+3H+ > Al+++ +3H.O 


action is not possible under the same con- 
ditions. That is, no reaction will take 


place between barium sulfate and !: ;dro- 
chloric acid to yield barium chlorid and 
sulfuric acid. 

Now consider the reaction betw hy- 
drogen and iodine in the form: ı of 
hydriodic acid: 

He + l: = 2HI. 

In this case, a double arrow is ired 
to indicate a reaction that does n- <o to 
completion. Rather, the reactants the 
product tend to reach a state of ilib- 
rium determined by their respec! on- 
centrations at a given temperat Such 
an equilibrium reaction will conti go- 
ing backward and forward as lo! con- 
ditions in the system stay consta 

Whether or not a chemical ction 
goes to completion or tends reach 
equilibrium, there are precise < itions 
that must be fulfilled if it is to © valid. 
First, the reaction, hence its ition, 
must represent a real process that 
will actually take place. There many 
reactions that can be represent vy an 
equation but that, in fact, can sccur. 
Then the reaction must compl; 1 La- 
voisier’s principle of mass co ition 
that states, in essence, that n can- 
not be created or destroyed by inary 
chemical means. In other v the 
atoms of the reacting substa must 
also be present in the molecu f the 
products in equal numbers. 

Finally, a reaction must be “ need” 
so that the electronic charge of prod- 
ucts is equal to the total charg: of the 
reactants. Since the charges are e»ressed 
in terms of valence or oxidation state pos- 
sessed by each element, it is relatively 


simple to determine the accuracy of a 
chemical equation. The key points to re- 
member are, first, that the valence of an 
uncombined element is always equal to 
zero, The same value holds for a com- 
pound, in which the positive and nega- 
tive oxidation states of its components 
cancel one another. Second, each element 
has at least one valency, and in a bal- 
anced chemical equation the sum total of 
all electronic charges on both sides of the 
arrow must equal zero. 

As an example of an equation that 
meets all of the conditions for validity, 
consider the reaction between sodium 
hydroxide and hydrochloric acid: 


NaOH + HCl > NaCl + H:0. 


This reaction satisfies the reality condi- 
tion because it does represent an actual 


TION OF SILVER CHLORIDE— 
n of sodium chloride, contain- 
m and chloride ions (Illustra~ 
d to a solution of silver nitrate, 
are silver ions and nitrate ions 
), the result is the formation of 
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event ase, the reaction is the neu- 


tralizat i an acid by a base (or vice 
versa ) all such neutralization reac- 
tions a !, Next, Lavoisier’s principle 
is obs: ecause all the atoms found 
in the ts occur in the products in 
equal Last, since true com- 
pound ent in all cases the total 
electr ge comes to zero by virtue 
of the ive charges and the positive 
charg: ively canceling one another. 

Nov iine the reaction between 
bariut xide and hydrochloric acid: 

Ba + HCl> BaCl: + H20. 

It is liately apparent that some- 
thing i: og. In the reactants there are 
three | gen atoms, but only two in 
the ; there are two chlorine 
atoms i» the products, but just one in the 
reactants; while there are two oxygen 


atoms on the left, there is but one on the 
right. The easiest way to balance this 
equation (or, for that matter, most equa- 
tions) is to determine quantitatively from 
the products the number of atoms needed 
on the reactant side of the arrow. Obvi- 
ously, there is a shortage of hydrogen and 
chlorine atoms. Thus, by multiplying the 
hydrochloric acid by a factor of two, this 
deficit is resolved. Now, however, there 
are one less oxygen and two less hydro- 
gen atoms on the right; this is overcome 
by multiplying the water by two: 


Ba(OH), + 2HCl > BaCl; + 2H.0. 


In real terms, this equation says that 
one mole of barium hydroxide reacts with 
two moles of hydrochloric acid to yield 
one mole of barium chloride and two 
moles of water. The term mole is chem- 
ical shorthand for the molecular weight 
of a compound expressed in grams. 
Therefore, 171.34 g of Ba(OH), react 


silver chloride as a precipitate (Illustration 
2c). Because of its solubility the other prod- 
uct, sodium nitrate, remains in solution as 
the component ions. 

Expressing this reaction in the ionic form 
and eliminating those ions that remain un- 


with 72.90 g of HCI to form 208.24 g of 
BaCl, and 36,00 g of H:0. 

The mechanisms in chemical reactions 
are perhaps more easily understood if 
they are thought of in terms of reactant 
ions recombining to form product mole- 
cules. Generally, reactions can be classi- 
fied as those that involve electron trans- 
fer and those that do not. 

One of the most common reactions is 
that of neutralization in which one of the 
products is a salt and the other is water 
if the reaction is between an acid and a 
base. In fact, this type of reaction is the 
simplest method for producing a salt. For 
instance, when solutions of sulfuric acid 
and barium hydroxide are reacted, there 
is immediate precipitation of the salt, 
barium sulfate: 


Ba(OH)2 + H2SO, > BaSO, + 2H,0. 


The reaction can be considered ended 
when further addition of acid does not 
result in the continued precipitation of 
the salt. Qualitatively, it can be said that 
neutralization is complete. However, on 
a quantitative basis it is impossible to 
pinpoint the reaction’s end point simply 
by adding an excess of reagent until no 
more precipitation forms. If all that is 
desired is the precipitation of an ion in 
solution, the qualitative approach is suffi- 
cient. To determine the exact point at 
which total neutralization has occurred, 
however, requires special skills and 
equipment that incorporate systems sen- 
sitive to hydrogen (H+) and hydroxyl 
(OH—) ion concentrations. 

In reactions between strong acids and 
strong bases it is important to note that 
the heat produced in the reaction will 
always be about 1,370 calories per gram 
equivalent of the reactants. This figure 
corresponds to the ionization heat of 


changed, it is immediately apparent that the 
reaction consists only of the formation of the 
silver chloride as a precipitate: 


Nat + CI- + Ag* + NO3"> Nat + NO,- + AgCI} 
Agt + Cl-> AgCI}. 


water expressed as a positive value. It is 
due to the fact that the salt is produced 
by a reaction in which water is formed, 
as shown by these ionic equations: 


Na+ + OH- + H+ + Cl- 
> Nat + Cl- + H:O 
Ba?+ + 20H- + 2H+ + S0,- 
> Ba?+ + SO,?- + 2H,0 
K+ + OH- + H+ + NO;— 
> K+ +NO,- + HO. 
(Because of the intervention of other fac- 
tors, these remarks do not apply to reac- 
tions between weak acids and bases. ) 
Other reactions in which salts are 
formed include those involving direct 
treatment of an oxide with an acid an- 
hydride: 
CaO + CO, CaCO;; 


or by treating a base with an acid an- 
hydride: 


Ba(OH )2 + CO:> BaCO; + H20; 
or by treating an oxide with an acid: 


FeO + HS0; > FeSO, + H20. 


Finally, salts can be obtained when an 
acid (or base) displaces another acid (or 
base) from one of its salts in what is 
called a simple exchange reaction: 


CaCO; + 2HCl~ CaCl, + CO, + H20 
AgNO, + HCl= AgCl + HNO»; 


or by reacting two salts in a double ex- 
change reaction: 


BaCl + K,SO,> BaSO, + 2KCl 
ZnSO, + BaS > BaSO, + ZnS. 


Simple and double exchange reactions 
are possible when they lead to the forma- 
tion of insoluble compounds or to gases. 
In either case, by precipitation or escape, 
these products can be subtracted from 
the reaction; they no longer take part. 
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CHEMICAL REACTIONS INVOLVING 


FREE RADICALS 


Chemical reactions can be rather simple 
affairs like the formation of water from 
hydrogen and oxygen, or they can be ex- 
tremely complex such as the chemical re- 
actions seen in human physiology. This 
does not mean, however, that complex 
reactions are confined to human physi- 


ology. 
Occupying a place of considerable im- 


portance among the complex reactions 
are so-called chain reactions involving 


PANETH’S EXPERIMENT—The existence of 
free radicals was first demonstrated experi- 
mentally in 1929. Also called the “experiment 
of the mirrors,” the experiment is shown in 
this illustration. Quite simply, a stream of ni- 
trogen is saturated with tetramethyl lead and 
passed through a tube A (Illustration 1a). At 
some point along the tube, the mixture is 
heated to about 500°C (932° F) by the fur- 
nace F. The result is the formation of a lead 
mirror S on the wall of the tube as it exits 
from the furnace. Moving the furnace to the 
left (Illustration 1b), a second mirror is pro- 
duced in the same manner as the first. How- 
ever, while the second mirror S’ forms, the 


one reaction can 


free radical intermediates. In such reac- 
tions, these intermediates are generated 
at some point and in turn create the con- 
ditions to continue the reaction. Thus, 
the products of this series of events result 
from a succession of elementary stages 
that are repeated on a well-defined peri- 
odic basis. It is believed that free radicals 
are transient intermediates in many high- 
temperature reactions, including combus- 
tion. 


first gradually disappears. This experiment 
shows that the tetramethyl lead decomposes 
according to the equation: 


Pb(CH;).—> Pb + 4CH;°. 


The metallic lead gives rise to the mirrors. 
The methyl radicals, in the second part of the 
demonstration, react with the lead in the first 
mirror to reform tetramethyl lead and subse- 
quently to remove the original lead mirror 
deposits. 

This experiment was later perfec 
demonstrate that metallic lead ould ba e 
acted on by numerous organic materials 
through the creation of free radicals. 


produce thousands 


FREE RADICALS 


A free radical is defined as an a or 
group of atoms containing at le: me 
unpaired electron. This gives ris: an 
electrical instability, and disting: sa 
free radical from a normal atom « up 
in which a stable situation exis a 
manner similar to that of ions re- 
sulting electrical instability of ee 
radical imparts a strong tendeni re- 
act chemically. Unlike ions, } er, 
free radicals are highly unstable his 
instability accounts for a high « of 
reactivity. 

Generally, free radicals are f as 
a result of bond breakage in an « vise 
stable molecule. It must be noi 10w- 
ever, that certain molecules | un- 
paired electrons—but these 1 ules 
cannot be considered free radic fole- 
cules of this type are closer to are 
considered ions. 

Nomenclature indicates a fr lical 
in much the same way as an ior 1 the 
charge of the ion replaced by « For 


example, these atoms or grou e all 
free radicals frequently encoi 
chain reaction studies: 


hydrogen atom 
chlorine atom 
bromine atom 
hydroxyl group 


CH" methyl group 
ethyl group 
Kinetically, a reaction betwee a free 
radical and a molecule normally leads to 
the formation of other free radicals. This 


becomes clear with the understanding 
that a molecule, in most cases, has no un- 
paired electrons and that its charge is 
zero. Because a radical does have at least 
one unpaired electron, and because its 
tendency is to reach stability, in the proc- 
ess of taking electrons from molecules, 
products are formed that again contain 
unpaired electrons. 

For example, if an atom of hydrogen 
(as a free radical) is reacted with a neu- 
tral molecule of bromine, the following 
occurs: 


H: + Br2> Br: + HBr. 


The free radical bromine atom thus pro- 
duced can turn, react with a hydrogen 
molecule: 
H> H° + HBr. 

The react ill continue in successive 
stages, S up a chain reaction be- 
tween fri icals and molecules until 
one or th r is used up. 

In cert »s of chain reactions such 
2 
CHAIN RE »NS—An extensively studied 
chain rea that between hydrogen and 
chlorine t! is to the formation of hydro- 
gen chlori represented in Illustration 2a. 
Overall, the ion Is 

+ Cl, > 2HCI. (1) 

One of it observations made of this 
reaction is pendence of its rate on the 
amount of present. In the dark, it pro- 
ceeds relat slowly. However, in light the 
two gases ine quite rapidly, or even ex- 
plosively ore, it has been suggested 
that the re takes place according to the 
following r ism; at the onset, a priming 
reaction l ) free radical formation by 
photocher eans, or by thermal decom- 
position o molecules, or by some other 
cause. 

In this >, the reaction is begun pho- 
tochemic: ) light strikes the molecules, 
supplying for dissociation to free radi- 
cals. Thus 

light > Cl + Cl, (2) 
This is re to as the Initiation reaction. 
The chlo; 2e radicals will subsequently 
react witt jrogen molecule: 
+ H> HCI + H’. (3) 
In turn, th ogen free radical reacts with 
a chlorine ule, regenerating another Cl- 
radical: 
+ Cla HCI + Cl. (4) 
From this point, reactions (3) and (4) occur 
in alternate fashion to form the chain reac- 
tion. These reactions are said to be links of 


the chain, while the free radicals H: and CI: 
are called active centers or agents of the 
chain reaction. 

At some point in the reaction, destructive 
Processes come into play. These are capable 
of “removing” the active centers from reac- 
tions (3) and (4), and they ensure that each 
Priming reaction will be followed by a finite 
Number of links. For example, the reformation 


as those just considered, as well as many 
others, a specific chain reaction agent 
gives rise to only one other such agent. 
Therefore, reactions of this type are de- 
fined as stationary chain reactions. How- 
ever, each chain reaction agent can gen- 
erate two or more free radicals. Reactions 
of this type are more than self-sustaining, 
and can build up rapidly. Such reactions 
are called ramified chain reactions. 


of molecules from radicals can be destructive 
reactions: 


Cl: + Cl > Cl, (5) 
H + H>H. (6) 


In considering these destructive reactions, it 
must be noted that the reaction of two radicals 
is always accompanied by the production of 
considerable energy. If reactions (5) and (6) 
were to occur as written, the resulting mole- 
cules would possess far greater energy than 
normal. Consequently, these extremely unsta- 
ble molecules would immediately dissociate. 

In fact, if free radicals are to react and 
form stable molecules, the reaction must take 
place in the presence of some material that 
will absorb the liberated energy. This material 
could be the walls of the container in which 
the reaction occurs, or it could be other gase- 
ous molecules. The process of terminating the 
chain reaction in this way Is called quenching. 

Where the initiation reaction is of photo- 
chemical nature (2), it has been found that 
every quantum of light absorbed leads to the 
formation of about 10° molecules of HCI; this 
gives some idea as to the length of the chain 
reaction. 

The initiation reaction can also be chemical 
in nature. For example, the reaction between 
hydrogen and chlorine can be initiated by the 
presence of sodium vapor in small quantities. 
In this instance, it is assumed that the initia- 
tion reaction proceeds according to the 
equation: 


Na: + Cl > NaCl + Cl’. 


The resultant chlorine radical then proceeds 
as in reactions (3) and (4). Chemical initiation 
has been studied with equipment such as that 
shown in Illustration 2b. This special reac- 
tion chamber is constructed so that hydrogen 
molecules are mixed with sodium and chlo- 
rine gases, with the reaction as shown above. 
Sodium chloride is deposited on the chamber 
walls while hydrogen chloride molecules are 
formed, It has been determined that for each 
molecule of sodium chloride—that is, for 
every Cl" radical formed—about 10* molecules 
of hydrogen chloride are produced. 

In a reaction identical to that of hydrogen 
and chlorine, hydrogen and bromine can un- 
dergo a chain reaction. The major difference 
is in terms of energies required and produced. 

Illustration 2c represents the synthesis of 
phosgene, COCI., from carbon monoxide and 
chlorine. The qualitative reaction is: 


CO + Cl, > COCH. 


This reaction is also based on the chain mech- 
anism, and is initiated photochemically. In 
this case, two Cl- free radicals are the result, 
the links in the chain being: 


MAGNETIC PROPERTIES 


Molecules with even numbers of paired 
electrons are slightly repelled by a mag- 
net, while free radicals are attracted by 
a magnet, Because of the spin of the 
odd electron, the spins of the remaining 
paired electrons effectively cancel each 
other. Magnetic susceptibility tests may 
therefore be used to detect free radicals. 


Cl: + CO > COCl: (7) 
COCI: + Cla > COCI, + Cl’. (8) 

The destructive reaction here is: 
COCI: + Cl > COCI,. (9) 


Initiated by photochemical means, this reac- 
tion produces about 10° molecules of phos- 
gene for each quantum of light absorbed. 


a 
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FREE RADICAL CHAIN 


REACTIONS 


So-called simple chain reactions in which 
a given reactive species generates but 
one additional reactive particle were dis- 
cussed in a previous article. 

This article examines another group of 
chain reactions, the so-called branched- 
chain reactions. In these reactions each 
reactive particle generates two or more 
new ones. Chain reactions of this type 
often produce reactive particles so fast 
that the reaction may proceed with ex- 
plosive speed, unless other reactions in- 
tervene to break the chain. 

To illustrate how great a number of 
reactive particles can be formed by a 
single initiating particle, it is useful to 
recall the famous anecdote of the check- 
erboard and the grains of wheat. 

A single grain of wheat is placed on the 
first square of the checkerboard, two on 
the second, four on the third, eight on 
the fourth, and so on. The number of 
grains from one square to the next is al- 
ways doubled. 

Since a checkerboard contains 64 
squares, thousands of millions of tons of 
grain will be needed before the checker- 
board is filled. To calculate how many 
grains will have to be placed on the 64 
squares, start counting as follows: 


1, 2, 4, 8, 16, 32, 64, 128 


This is the number of grains on the first 
eight squares. The sequence continues 
for the remaining squares. This series of 
numbers can be expressed as: 


20, (21, 22, 98, 94 95, 9897). | On, 


This is a geometric progression. It can be 
shown that the sum of the first n terms of 
this progression is given by (2"—1). 

Thus 2%—1 grains will be placed on 
the 64 squares of the checkerboard. This 
is approximately equal to 1.85 x 10 
grains. Now, assuming that 1,000 grains 
of wheat weigh about 25 grams, the total 
weight of the grain turns out to be about 
46.25 x 10 tons, or 46.25 times 10,000 
million tons of grain. 

A similar situation occurs in the case 
of branched-chain reactions. In fact, if 
any one reactive species always generates 
two reactive particles, these will generate 
four others, these in turn will generate 
eight, and so forth. Since each molecule 
will normally be involved in hundreds of 
collisions in a fraction of a second (a col- 
lision is needed to generate reactive par- 


why hydrogen and 
oxygen explode 


400° 
THE REACTION OF HYDROGEN AND OXYGEN 
—tThe reaction between hydrogen and oxygen 
takes place according to the overall formula 
2H. + O, > 2H,0. 

Study of this reaction, however, reveals a 
number of characteristics that cannot be ex- 
plained in terms of simple chain reactions. Of 
particular importance is the fact that the speed 
of the reaction is dependent on pressure. For 
example, consider a mixture of hydrogen and 
oxygen at a temperature of 500° C (932° F). 
If the pressure is held below 1.5 mm of mer- 
cury, the reaction is rather slow. The speed 
of the reaction increases, however, as the pres- 
sure increases. When the pressure is slightly 
greater than 1.5 mm of mercury, the speed of 
reaction reaches explosive proportions. If the 
pressure is further increased to a point above 
50 mm of mercury, the reaction once again 
takes place at a normal speed. The speed is 
measurable again and the reaction can be 
Studied using normal laboratory equipment. 

If the pressure is increased still further, an- 
other critical limit is reached at about 3,200 
mm of mercury. At this point, the reaction once 
again becomes explosive. Therefore, three 
values of pressure define the zones within 
which the reaction is explosive. These limiting 
values depend on numerous experimental fac- 
tors including temperature, the diameter of the 
reaction chamber, the nature of the inner sur- 


500° 600° T°C 
faces of the reaction chamber, and «thers. 

Temperature dependence is Illus rated by 
the graph shown in Illustration 1a. | a orange 
area represents the conditions under which the 


reaction is explosive, and the points L, La, and 
L, represent the three limiting pressures at a 
temperature of 500° C. 

In interpreting these phenomena, it has been 
Suggested that the reaction may take place 
according to the mechanism described below. 

The priming reaction could be 


Hı + O2 > 20H- 
or 
H: > 2H- 


As usual, a chemical symbol with a single dot 
represents a free radical. Free radicals can 
react with other molecules in such a way that 
each radical gives rise to a single new radical. 
Under these conditions, the chain reaction will 
be a simple one; its steps are as follows: 


H- + O, + Ha> H,0 + OH- 
OH- + H,> H,O +H- 
These reactions are schematically illustrated 
in Illustration 1b. 

It is also possible for the initial reaction to 
be followed by others in which each free 
radical generates two or more additional free 
radicals. In this case the reaction is said to 
be a branched-chain reaction: 
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reaction rate 


H: + 0> OH: + O- (1) 
O: + H> OH: + H- (2) 
H: + Oz + Ha> H: + OH- + OH- (3) 


In this case the chain divides and branches 
because each of the new free radicals will 
initiate a new cycle of reactions (schematically 
represented in Illustration 1c). 

Such a reaction might be terminated, for 
example, by the following: 

H: + O> -O.H. (4) 
Contrary to appearances, this is a damping 
reaction because the -O,H free radical will 
immediately destroy itself against the walls of 
the reaction chamber. That such damping re- 
actions occur very readily against the walls of 
the reaction chamber is demonstrated by the 
introduction of glass wool. This always causes 
an increase in the number of damping reac- 
tions, and, consequently, a reduction in the 
speed of the overall reaction. 

On the basis of reactions (1) and (4) above, 
the influence of pressure on the speed of the 
reaction can be explained as follows: The 
Pressure (and consequently also concentra- 
tion) of the gas is so low below the first limit 
L, that most of the free radicals formed during 
the initiating reactions reach the walls of the 
reaction chamber without becoming involved 
in any collisions with other molecules, These 
free radicals thus self-destruct on the walls 
and the chain reaction cannot continue. As a 
result, the speed of the reaction will be rather 
low. Increasing the Pressure, however, also in- 
creases the number of molecules per unit vol- 
ume; this will necessarily increase the proba- 
bility that a free radical will collide with another 
molecule. When the various propagation or 
branching reactions are more numerous than 
damping reactions, the number of free radicals 


P, P P 


in the mixture increases at an extremely rapid 
rate and the reaction becomes explosive. 

If the pressure continues to increase, damp- 
ing reactions assume a greater importance; 
they then become so numerous at the second 
limit La that the reaction ceases to be explo- 
sive. 

Increasing the pressure still further moves 
the system to a third explosive limit La. This 
limit is very difficult to study experimentally 
because it occurs at very high pressures and 
because it is strongly influenced by the nature 
of the reaction chamber. It has not been pos- 
sible to explain completely the physical rea- 
sons for this upper explosive range. It has been 
shown, however, that the explosive reaction in 
this range is no longer due to the extremely 
fast rate with which the chain reaction gathers 
momentum. The existence of this limit may be 
due to the fact that enormous numbers of 
molecules become activated in a very brief 
time. 

The graph in Illustration 1d represents the 
behavior of the hydrogen-oxygen mixture at a 
temperature of 500° C. This graph is obtained 
by plotting the reaction rate against the pres- 
sure (abscissa) at any arbitrarily chosen point. 
The speed of the reaction is finite along the 
curve AL,. 

The first explosive limit occurs at a pres- 
sure of 1.5 mm of mercury (P,). The reaction 
is explosive in the interval L,-L.; here the 
speed of reaction is extremely great. The 


point La, Corresponding to a pressure P, of 


50 mm of mercury, is the second explosive 
limit. The speed of the reaction is once again 
measurable along the curve LL, but at the 


third explosive limit L, (Ps = 3,200 mm of mer- 


cury) the reaction will again assume explosive 
Proportions. 


ticles), the reaction would u 
become explosive if all the: 
were productive and if dan 
tions were not equally nume 
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drogen and gaseous oxygen. 
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2H: + O2> 2H 
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theoretical 
interest, have been extensively studied. 
Included in this group are the oxidation 


2PH; +40: > P-O; + 3H20; 
the oxidation of carbon disulfide: 
CS2 +30: > CO: + 250»; 
and the oxidation of carbon monoxide: 
2CO + O2> 2CO2. 


Finally, there are the very important 
in atomic 
bombs and in atomic piles. These re- 
actions, however, involve nuclear proc- 
esses and cannot be regarded as chemi- 


PHOTOCHEMICAL 


REACTIONS 


Some che. sical reactions are initiated or 
accelerate: if the reacting substances are 
exposet ppropriate light radiations. 
Such r is are called photochemical 
reactio: sactions not influenced by 
light a wn as dark or thermal re- 
actions erm thermal reaction refers 
to the at the speed of a dark re- 
action is in large measure on the 
temper of the reacting system. 

Many ochemical reactions are of 
biologi erest. One of the most im- 
portan sse reactions is photosyn- 
thesis presence of chlorophyll, 
plants pable of utilizing light en- 
ergy ir roduction of carbohydrates 
and ox rom raw materials that con- 
sist of n dioxide, COs, and water, 
H:O. \ id many other animals per- 
ceive li: vy virtue of a photochemi- 
cal rea he eye contains rhodopsin, 
a com| onsisting of vitamin A (or 
retinol bined with a protein. Light 
splits r in into protein and retinene 
(vitar lehydrogenated by means 
of an de). The brain then per- 
ceives lect of the light in terms of 
the co tion of retinene. With the 
help « in enzymes, the rhodopsin 
then re in the dark. 

Othe tochemical reactions are im- 
portan hotography. Black-and-white 
photo for example, depend on 
light-i d decomposition of silver 
halides same reaction is used in 
color piotography to produce another 
reaction ihat deposits a colored pigment 


in the immediate area of the decomposed 
silver halide molecule. Photochemical re- 
actions seem to be an essential part of 
modern civilization. 

Before explaining the principles of 
photochemical reactions, it is necessary 
to make a brief analysis of the nature of 
light (electromagnetic) radiation. 


LIGHT RADIATIONS 


The term radiation refers to periodic var- 
iations of an electromagnetic field in 
space. These variations can cover a vast 
range of wavelengths. According to the 
quantum theory, electromagnetic radia- 
tion may be regarded as consisting of 


light energy and 
chemical reactions 


particles known as photons or quanta. 
The energy of each quantum is given by 
€ = hyp. 

In this equation h represents Planck’s 
constant (6.62x 10-7 erg/sec), while v 
represents the frequency of oscillation of 
the radiation (that is, the number of 
oscillations, or cycles, that occur in unit 
time—one second). The frequency v is 
related to the wavelength À of the radia- 
tion by the expression v =c/A, The term 
c is the speed of electromagnetic radia- 
tion. Provided that both the wavelength 
of the radiation and the speed of light c 
(3 x 10" cm/sec) are known, these two 


equations permit calculation of the en- 
ergy of a single quantum, or photon of 
light. 

Carrying out this calculation not for 
the energy of a single photon (e), but 
rather for the energy E of N photons (N 
is Avogadro's constant: 6.023 x 10%), the 
result is 


2.86 x 108 


E= a; 


calories/ mole, 

where the wavelength À is expressed in 
Angstroms (1A=10-8 cm). This equa- 
tion demonstrates that the energy of elec- 
tromagnetic radiation is inversely propor- 


a 
1o* 10° 10 10° 10° 10° 10° 10° 10° 
gamma rays ultraviolet 
x-rays infrared radio waves 
visible microwaves 


RADIATION 


gamma rays 
x-rays 
ultraviolet 
ultraviolet 


visible 


visible 


infrared 


infrared 


THE ELECTROMAGNETIC SPECTRUM—IIlus- 
tration 1a shows how electromagnetic radia- 
tion varies gradually from gamma rays to 
x-rays, from ultraviolet radiation to visible light 
and the far infrared; beyond these the spectrum 
includes microwaves and radio waves. The 


WAVELENGTH, in A 


ENERGY OF RADIATION 
in kcal/mole 


about 3,000,000 
about 300,000 
300 


about 70 


about 


about 60 
about 45 
about 30 
about 1.5 


visible portion of the spectrum is shown in 
Illustration 1b. Lastly, the table (Illustration 1c) 
shows the amount of energy associated with 
radiation of different wavelengths. The energy 
values shown in this table were calculated by 
means of the expression E = 2.86 X 10°/d. 
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tional to its wavelength. The smaller the 
wavelength À, the greater the energy E. 


THE LAWS THAT GOVERN 
PHOTOCHEMICAL REACTIONS 


The first law of photochemistry states 
that radiation must be absorbed by a re- 
actant molecule in order for a photo- 
chemical reaction to take place. This law, 
which is essentially qualitative, is intui- 
tively understandable. 

Einstein investigated the quantitative 
aspect of photochemical reactions in 
1912, He derived the second law of 
photochemistry, the so-called law of 
equivalence. This law states that each 
photon absorbed by a reaction system 
activates one and only one molecule 
within the system. This does not neces- 
sarily mean that each activated molecule 
gives rise to a chemical reaction in the 
true sense of the word. There may also 
be any number of secondary effects. For 
this reason a new concept—the photo- 
chemical or quantum efficiency R of a 
given reaction—is necessary. For any 
given period of time, the quantum effi- 
ciency R is defined as the ratio of the 
number of molecules that have reacted 
to the number of photons that have been 
absorbed: 


R number of molecules that have reacted 
number of photons absorbed $ 


R obviously equals 1 if primary photo- 
chemical molecular activation is followed 
by chemical reaction with no secondary 


effects whatsoever. An example of a re- 
action with an efficiency R very close to 1 
is the photochemical reaction of mono- 
chloroacetic acid in aqueous solution: 


photon 
CH:CICOOH + H0 ——> 
CH,OHCOOH + HCI. 


Photons having a wavelength of 2,537 A 
will initiate this reaction, Such photons 
can be obtained from excitation of mer- 
cury vapor in a suitable lamp. 

The quantum efficiency R of a re- 
action will be greater than 1 when pri- 
mary photochemical activation is fol- 
lowed by secondary dark reactions. Such 
reactions increase the value of the nu- 
merator in the efficiency equation. A 
chain reaction in which the primary re- 
action is caused by absorption of a photon 
is an excellent example of a photochemi- 
cal reaction with high efficiency. 

Reactions also occur for which the 
photochemical efficiency R is less than 1. 
Several reasons may underlie such an 
occurrence. The most common occur- 
rence is loss of energy when a photo- 
chemically excited molecule collides with 
another molecule before it has a chance 
to react. This dissipates a portion of the 
photochemical activation energy in the 
form of translational energy. The result 
is an increase in the temperature of the 
system. A variation occurs when the sec- 
ond molecule becomes excited and enters 
a chemical reaction. This is referred to as 
excitation by sensitization, 

In another instance, the excited mole- 


THE DISSOCIATION OF HYDRIODIC ACID— 
A very simple example of a photochemical re- 
action is the dissociation of hydriodic acid, 


The photochemical efficiency R of this reaction 
has been shown experimentally to be equal 
to 2. 

This reaction has been studiec at various 
visible and ultraviolet wavelengths. e primary 
photochemical reaction HI + hv = + l- may 
be followed by 

He + HI> H: + l (a) 
He + H+ > H, (b) 
b +l >h (c) 
b +HI>l, +H (a) 
H+ > HI (e) 
He +1, >HI +i (f) 
Reactions (b) and (e) are so high othermic 
that the heat evolved causes the cules to 
dissociate as soon as they have formed. 
Reaction (d) is endothermic a quires a 
very high activation energy in c © occur, 
Reaction (f) is very unlikely due t low con- 
centration of l2. The most prot reactions 
are therefore (a) and (c), both hich are 
illustrated above. Combining th tial reac- 
tion with these two reactions result Is 
2HI + hy H, + la. This mecha explains 
the photochemical efficiency of r the re- 
action. 
cule may reradiate a portic the ab- 
sorbed energy. This is called i rescence. 
When such an excited mo! reradi- 
ates energy, the wavelengt the re- 
emitted light will general! longer 
than that of the originally al ed light, 
because less energy is reradi the dif- 
ference being lost in vibrati energy, 
primarily. 

Phosphorescence is a ymenon 
somewhat akin to fluorescen he term 
phosphorescence stems fror occur- 
rence of a similar phenomen in phos- 
phorus. In phosphorescence, t! emission 
of radiation persists for a lo period 
of time; it continues even after the action 
of the exciting radiation hss ceased. 


Many substances that are fluorescent in 
aqueous solutions become pliosphores- 
cent when dispersed in a solid 

One example of a photochemical re- 
action with an efficiency less than 1 is 
the decomposition of oxalic acid in a 
solution sensitized by a uranium ion. 
This reaction, whose efficiency is 0.50 
for a wavelength of absorbed energy of 
À = 4,350 A, has been extensively studied 
because its course can be followed easily 
by means of titration with potassium 
permanganate. The results of the titration 
are very easily reproduced. For this rea- 
son this reaction has been proposed as 4 
method for determining the quantity of 
light emitted by light sources. 

Experimental observations such as 
those discussed show that measurement 
of the photochemical efficiency R of a 
reaction is of fundamental value. 


PHOTOSYNTHESIS—The synthesis of carbo- 
hydrates is essential for the continued exis- 
tence of plants, which are autotrophic. In pho- 
tosynthesis, the green pigment of chlorophyll 
absorbs radiant energy in the visible range of 
the spectrum, and then re-emits this energy. 


The re-emitted energy is the activation energy 
for the series of reactions that lead to the 
biosynthesis of carbohydrate. The exact nature 
of the initial photochemical reaction is not 
clearly understood. Observations carried out 
using radioactive isotopes, however, suggest 


that it is very likely the splitting of a water 
molecule. Indeed, the oxygen released during 
photosynthesis by the plant does not come 
from the absorbed carbon dioxide, but rather 
from the water. The illustrations show an en- 
larged portion of the surface of a leaf (Illus- 
tration 3a) and a chloroplast (Illustration 3b). 

An important large-scale application of pho- 
tochemical reactions is the production of vita- 
min D, the anti-rickets factor. It had been 
known for many years that rickets regressed 
with intense exposure to sunlight. Then it was 
discovered that the anti-rickets factor (vitamin 
D;) was produced by ultraviolet radiation act- 
ing on 7-dehydrocholesterol in the skin. 


HC HC: 
SA VN 
irs) Lge ae Pag 
Hci, in Sea a 


Synthetic vitamin D is produced by expos- 
ing ergosterol—obtained from yeast—to ultra- 
violet radiation. 


HC HC. 
i Chu OR on 
YN Nch CH 
y7 = CH (Yy | CHs 
í 
PAA = VV 


PHOTOCHEMISTRY AND PHOTOGRAPHY — 
Photography is based on the photochemical 
reaction 


hv 
AgBr ——> Ag: + Bre. 


When light strikes the emulsion of AgBr on 
sensitized paper, finely divided silver is pro- 
duced. This silver is black. The photosensitive 
emulsion is more sensitive to blue and green 
light because these wavelengths have the 
highest energies within the visible spectrum, 
Red light, on the other hand, does not cause 
decomposition of the silver bromide in the 
emulsion. 

The addition of special sensitizers to photo- 
graphic emulsions produces orthochromatic 
and panchromatic films. The sensitivity of these 
films is similar to that of the human eye, and 
covers the entire visible spectrum. 
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CHEMICAL EQUILIBRIA | 


Contrary to popular belief, a chemical 
reaction rarely continues until one of the 
reagents has been completely used up. 
More often than not, equilibrium is estab- 
lished before this point has been reached. 
A good example is the reaction of hydro- 
gen and iodine: 


He + I> 2HI. 


The product is hydrogen iodide. If the 
quantities of hydrogen and iodine are 
equimolecular, the reaction stops short of 
the completion point. Put another way, 
the quantity of hydrogen iodide reaches 
a maximum after a certain amount of 
time, depending on the conditions under 
which the reaction is carried out. The 
cause of this phenomenon is the fact that 
the reaction 


H: + I2 > 2HI 


is opposed by a second, exactly opposite 
reaction 


2HI> H: + In, 


As the first reaction proceeds, the quan- 
tity of hydrogen iodide increases. At the 
same time, however, the reverse reaction 
takes place until the rate of the forward 
reaction is exactly equal to the rate of 
the reverse reaction. Under these condi- 
tions, a reaction is said to have reached 
equilibrium. This is written as follows: 


H: +I 22HI. 


A chemical equilibrium of this type is 
not static, but rather dynamic (the num- 
ber of HI molecules that form is exactly 
equal to the number of HI molecules that 
break up in a given period of time). 

The system is called a homogeneous 
equilibrium when it consists of one phase 
(for example, the gas phase of the case 
described above), and a heterogeneous 
equilibrium when it consists of two or 
more phases. An example of a two-phase 
system is the thermal dissociation of cal- 
cium carbonate: 


CaCO; Œ CaO + CO». 
(solid) (solid) (gas) 

Homogeneous equilibria consist of re- 
actions between gases and reactions in 
solution. Heterogeneous equilibria ac- 
count for the rest, For equilibrium to ex- 
ist each of the reaction components must 
be at the same temperature and at the 
same external pressure. 

Certain reactions take place quite 
slowly. In these instances it is convenient 
to regard the reaction as being in equi- 
librium, even though it is not. For exam- 
ple, a mixture of chlorine and hydrogen 


can be kept in storage, at room tempera- 
ture and in the dark, for many days with- 
out any appreciable quantity of hydrogen 
chloride forming (Hə+ Cle ®2HC1). A 
system of this type is said to be in meta- 
stable equilibrium. If, however, the re- 
action is accelerated in some way (by 
using a catalyst, for example ), the system 
will quickly reach a condition of real 
equilibrium. The term stable equilibrium 
is then applied. 


HOMOGENEOUS EQUILIBRIA 


The study of chemical equilibria is of 
considerable importance. Many desirable 
reactions were made suitable for indus- 
trial processes only after a way had been 
discovered to manipulate their equilibria 
in favor of certain products. 

Consider now the general equation for 
the equilibrium constant of a homoge- 
neous system (already mentioned in the 
article on solubility): 


V: 
aA + bB=cC + dD. 
Va 
Since the reaction rate, at constant tem- 
perature, is proportional to the concen- 
tration of each of the various reactants, 
the reaction rate from left to right may 
be reduced to the following type of 
equation: 
Vi=K, [A]* [B]?. 
The quantities in square brackets stand 
for the concentrations of the reaction 
components at equilibrium. These con- 
centrations can be expressed in terms of 
moles/liter, mole fraction (the ratio of 
the number of moles of a reactant at 
equilibrium to the total number of moles Jy 
or partial pressure (mole fraction multi- 
plied by the total pressure). 


The rate of the reverse process, on 
the other hand, is 


V2=Ks[C]*-[D]}. 


At equilibrium, the rates of the for- 
ward reaction and the reverse reaction 
must be equal. In symbols, V, =V». It 
follows that 


Kı [A]e. [B] = Ko [C]e- [D]? 
and 
_K _ [C] [D] 
s-e ale 


K, is the equilibrium constant at a given 
temperature (the concentration of the 
products is conventionally shown in the 
numerator, whereas the concentration of 


the law of 
mass action 


the reactants is shown in the denomi- 
nator). 


This concept may now be «pplied to 
the reaction in which hydroren iodide 
is formed from hydrogen and iodine: 

H+ I: 2HI 
In this case the equilibriun nstant is 
given by the expression: 
Since this is a system in gaseous 
phase, the equilibrium cor t can be 


expressed as Kp; that is, in ns of the 
partial pressures of the pri s and re- 
actants. Each partial pres is raised 
to a power equal to the tion co- 
efficient: 

The equilibrium constant t on differ- 


ent values in terms of how ne concen- 
trations are expressed. 

This law, known as the of mass 
action, applies to electrolyti: lissociation 
as well as chemical equili Consider 
the case of a weak acid, ac cid. Since 
it is a weak acid, only a | molecules 
will be dissociated in aqı solution. 
The equilibrium is: 

CH;COOH + H:O 
= CH;COO HyO+ 
and the constant is: 
x, = [CHsCOO-} 1) 9+], 
° [CHCOOH] |i 0] 

Since the concentration of |) 0 is virtu- 
ally constant because of its presence in 
great excess, it can be included as part of 
K.. The new constant, called the acidity 


constant, is therefore: 


z _ [CH;CO0-] [H;0+] 
K, =K [H-0] = —[CH;CO0H] 
The advantage of this constant is that it 
shows how strong an acid is. The higher 
its numerical value, the more dissociated 
(that is, the stronger) the acid. The fol- 
lowing table lists typical constants, at 
25°C (77° F), for a number of acids. 


sulfurous acid HSO;H 
acetic acid CHCOOH 
carbonic acid HCO,H 


hydrosulfuric 
acid 

hydrocyanic 
acid 


HSH 


HCN 
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5 PRINCIPLE—Le Chatelier's 
ihat if there is a variation in 
rs causing a system to be at 
quilibrium tends to shift in a 
sunteracts the effect of the 
ustration of this rule is the 
ə variation at constant temper- 
e in pressure favors reactions 
ase In volume, whereas a de- 
‘re favors reactions involving 
lume. 
hows the formation of hydro- 
reaction does not produce a 
al volume (one volume of hy- 
of iodine yields two volumes 
de); hence, the system is not 
sure change. 
on the other hand, shows a 
os from two volumes of nitro- 
to only one volume of ni- 
N.O,—a decrease in vol- 
a's principle predicts that an 


ssure will lead to an increase 


>f nitrogen tetroxide, 
vcal explanation of this phe- 
s follows: for the reaction 


= [HI]? 


0) 


"em THa Mal” 


If the concentrations in this equation are re- 
placed with the partial pressures 


Pi,» Phy PH» 
the result is 
Phi 
k,=s—— 2 
BRRR, (2) 


The total pressure of the system is equal to 
the sum of the partial pressures: 


Pior = Pi, + Pu, + Pui - 


Now, if the total pressure is multiplied by a 
value x (2, for example, thus doubling the pres- 
sure) the partial pressure will also be multi- 
plied by the same value: 


X Prot = x (Pi, + Ph, + Pui) 
X Prop = XP), + X PH, + Phi - 
Substituting in equation (2): 
x? PP 
LS Pa, xP, 


This expression is simplified by dividing by 
x?. The result is that the value of the con- 


stant Kp remains unchanged. 
In the second case: 2NO, = N20, 


= PN,0, 
P Pio, 


Multiplying by x: 
x PN o, 
P = Fino, ` 
Simplifying by dividing by x: 
_ Pno 
Po xX Pano, ` 
In this case the value of the denominator is 


increased by increasing the pressure. How- 
ever, because the value of Kp must remain 


constant, the value of the numerator will in- 
crease also. 
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FACTORS CAUSING VARIATION 
IN AN EQUILIBRIUM SYSTEM 


It is of great importance to know what 
happens to a system at equilibrium when 
it is affected by external factors. The fun- 
damental rule governing equilibrium sys- 
tems is Le Chatelier’s principle (named 
after the French chemist Henry Louis Le 
Chatelier). This rule states that if the 
conditions of a system at equilibrium are 
altered, the equilibrium will shift in such 
a direction as to tend to restore the origi- 
nal conditions. Applied to pressure, this 
means that if a system at equilibrium 
and at constant temperature is com- 
pressed, the equilibrium will shift in the 
direction required to produce lower pres- 
sure and a consequent decrease in vol- 
ume, An example will make this rule 
clearer. Consider again the reaction be- 
tween hydrogen and iodine to produce 
hydrogen iodide. This reaction does not 
involve a change in the total volume (one 
volume of hydrogen and one of iodine 
produce two volumes of hydrogen io- 
dide). The system is, therefore, unaffected 
by any variation in pressure. 

It is a different story, however, with the 
dimerization reaction of nitrogen dioxide. 
In this reaction two molecules of NO» 
produce one of N2O,. Thus, the volume 
contracts by a factor of two: 


ENO = N, 204. 

af 
reddish aa 
brown 


Adjustment of this equilibrium involves 
a variation in volume, but since the vol- 
ume is directly dependent on pressure, 
the equilibrium will be affected by 
changes in pressure. If the pressure on a 
system containing a small amount of ni- 
trogen tetroxide is increased, the equilib- 
rium will shift to the right, dimerization 
will occur, and the color will gradually 
disappear (the monomer, NO,, is colored; 
the dimer, NoO,, is colorless). 

Le Chatelier’s principle applies to tem- 
perature changes as follows. The equilib- 
rium of a system at constant pressure re- 
acts to a decrease in temperature by 
shifting in the direction in which heat is 
evolved. An example is the synthesis of 
ammonia according to the reaction: 


3H: + N2 = 2NH; + 22,100 cal, 
The equilibrium constant for this reaction 
Is: 
K,= [NH]? f 
[H2]* [No] 

Since the reaction is exothermic, a drop 
in temperature will result in an equilib- 
rium shift to the right—that is, toward an 
increase in the concentration of the am- 


monia and the evolution of heat. An in- 
crease in temperature has the opposite 
effect—a decrease in the concentration of 
the ammonia accompanied by the absorp- 
tion of heat. 

Another example is the synthesis of 
nitric oxide from nitrogen and oxygen 
according to the following reaction: 


No + O2=2NO — 43,200 cal 


where the equilibrium constant is: 


Here the reaction is endothermic. Since 
it is accompanied by the absorption of 
heat, a rise in temperature shifts the 
equilibrium to the right and results in an 
increase in the concentration of the NO. 
Conversely, a decrease in temperature 
shifts the equilibrium to the left and re- 
sults in a decrease in the concentration 
of the nitric oxide. 

In general, exothermic reactions are 
favored by low temperatures and endo- 
thermic reactions are favored by high 
temperatures. It should be noted, how- 
ever, that practical experience provides 
examples of reaction situations that seem 
to contradict this rule. 

To illustrate such a contradiction, con- 
sider again the synthesis of ammonia, 
NHs, from nitrogen, No, and hydrogen, 
Hə. This is a most important industrial 
process because it uses atmospheric ni- 
trogen. This reaction is exothermic and is 
accompanied by a decrease in volume (4 
volumes of reactants yield 2 volumes of 
products). Thus, the reaction should be 
favored by low temperatures and high 
pressures. The fact is, however, that in- 
dustrial processes for NH; production in- 
volving high pressures also involve tem- 
peratures of 400 to 500° C (752 to 932° F). 
The explanation is that while the reaction 
equilibrium constant, a thermodynamic 
factor, must be taken into account, so 
must kinetic factors. Kinetic factors refer 
to the rate at which a system reaches 
equilibrium, Although low temperatures, 
from a thermodynamic point of view, 
shift the equilibrium to the right, the 
same low temperatures greatly prolong 
the time required to reach equilibrium. 
This has the effect of reducing product 
output. 

Recall, however, that an increase in 
temperature leads to an increase in Te- 
action speed regardless of whether the 
reaction is endothermic or exothermic. 
Thus, a compromise is reached in prac- 
tice. 

The thermodynamic requirements of 
a reaction are balanced against an ac- 
ceptable reaction rate; hence, the use of 
high temperatures. 


Consider once again the equilibrium 
between iodine, hydrogen, and hydrogen 
iodide: 


H: + I: 2HI. 
eLan]. 

K=] 
If the hydrogen concentration is increased, 
the denominator of the equilibrium con- 
stant equation increases. It ild seem 
that a corresponding decrease : the value 
of K, would occur. K., howe is a con- 
stant; hence, the actual re is an in- 
crease in the concentration he hydro- 
gen iodide. In other words he system 
adjusts its equilibrium to th- dition of 
hydrogen by forming mc- hydrogen 
iodide and maintaining t} instant at 
its original value. 

Another important topic > effect of 
catalysts on systems at « ibrium, A 
system at equilibrium is n altered by 
the addition of a catalyst. italysts do 
is to lower the activatior rgy of the 
reaction (whether it is a f rd or a re- 
verse reaction), They thus ncrease the 
rate at which equilibriu: reached. 
What a catalyst cannot d hange the 
value of the equilibrium onstant. In 
other words, the only eff: f adding a 
catalyst is to stimulate the > -tem to pass 
from metastable equilib: to stable 
equilibrium. The catalys not, how- 
ever, cause a shift of the ; of equilib- 
rium itself. 

HETEROGENEOUS EC [BRIA 

Heterogeneous systems, mentioned, 
are those that involve than one 
physical phase. Two very »rtant prin- 
ciples apply to heterogen equilibria: 
1, The activity of a sub:t:nce has the 
same value in each phase the system 
in which the substance is » component. 
In the water, ice, water-vapor system, for 


example, the activity of the water is the 
same in all three phases. 

2. The activity of a substance in the liquid 
or pure crystalline phase is constant at 
constant temperature. Hence, the equilib- 
rium constant may be expressed without 
including the substances that constitute 
these phases. For example, consider the 
equilibrium between calcium carbonate, 
calcium oxide, and carbon dioxide, 


CaCO; = CaO + CO», 
which is characterized by two solid com- 
ponents and one gaseous component. The 
equilibrium constant expressed in terms 
of partial pressures is: 
x Poro’ Poos 


S Peacos 


INFLUEN F 


CONCENTRATION ON AN 
EQUILIBRAR SYSTEM — Treating sodium 
chloride with a solution of sulfuric acid 
yields h ric acid, as seen in the top 
portion ask in Illustration 3a: 
Na 1:50, = HCIt + NaHSO,. 

Ata ol nperature an equilibrium is set 
up betw 3 components of the system. 
This equ: is characterized by well-de- 
fined co; tions of the reactants and the 
Product: ration 3a shows a certain 
where ! id Peacog represent the par- 
tial pres of the calcium oxide and 
the cak carbonate, These partial 
pressure wever, are constant and in- 
depende of the quantities of solid 


Present. Ior this reason they may be in- 
cluded in the value of the equilibrium 
constant. The result is a new constant, 


K’, 


K, = constant * Poos; 
therefore, 
K’, =P, COo+ 


This means that once the temperature 
has been established, the pressure of the 
carbon dioxide at equilibrium with the 
other two components is also constant. 
The same conditions hold for the equilib- 
rium between carbon, carbon dioxide, 
and carbon monoxide (an important 
equilibrium, one of the factors that de- 
termine the temperature inside iron blast 
furnaces). This system consists of one 
solid component (carbon) and two gas- 
eous components (carbon monoxide and 
carbon dioxide): 


amount of sodium chloride remaining in the 
bottom of the flask. 

When the stopper is removed (Illustration 
3b), dense fumes of hydrogen chloride are pro- 
duced until the sodium chloride has vanished 
completely (Illustration 3c). By removing the 
hydrochloric acid from the equilibrium sys- 
tem, it is made to shift in the direction of pro- 
ducing more acid. In mathematical terms, a 
decrease in the numerator of the equilibrium 
constant equation is balanced by a similar de- 
crease in the denominator: 


C+CO2=2CO. 
Once again the equilibrium constant has 
a simplified form: 
= i co 
Poos ` 


SOLUTION EQUILIBRIA-THE 
SOLUBILITY PRODUCT 


A special case of solution equilibria oc- 
curs when the reaction being considered 
involves a component that is only slightly 
soluble. Such a situation exists for the 
equilibrium between silver chloride and 
the dissociated ions: 
AgCl= Ag+ +Cl-. 
Here the solid line under the silver chlo- 
ride indicates it to be a precipitate; that 
is, it is rather insoluble in aqueous solu- 
tions. The equilibrium constant for this 
reaction is: 
—[Ag*][Cl7] 
[AgCl] ° 
Because AgCI is only slightly soluble, 


— [HCI][NaHSO,] 
€ ~ [NaCl][H2S0.] ` 


K, 


The system counteracts the removal of hydro- 
chloric acid by shifting the reaction to the 
right, thus using up the sodium chloride and 
the sulfuric acid. 

The sodium chloride and the sulfuric acid 
react to produce the quantity of HCI required 
to reach equilibrium, but equilibrium is never 
attained because the acid continues to es- 
cape from the flask. 


the solution will be saturated with this 
substance, thereby making its concentra- 
tion a constant. If this constant is com- 
bined with the equilibrium constant, a 
new constant is formed. 


Ka =K, X Kaga = [Ag+] [C17]. 
This new constant, called the solubility 
product constant or simply the solubility 
product, is seen to depend only on the 
concentration of silver and chloride ions. 
Therefore, if the concentration of either 
of these ions is known, the concentration 
of the other can be calculated from the 
solubility product relationship. In addi- 
tion, the solubility product can be used 
to predict the formation of a precipitate 
from a solution containing ions of known 
concentration. For example, the solubility 
product of AgCI is K,, = 1.56 x 10-1° at 
25°C (77°F). Because the dissociation 
of a single molecule of AgCl produces 
one Ag+ ion and one Cl- ion, the con- 
centration of these ions is the same if 
they all arise from AgCl dissociation. 

Solubility product constants also enter 
into laboratory use. 
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OXIDATION 


The world is full of examples of oxida- 
tion reactions; the flames gushing from 
the stacks of an oil refinery and the warm, 
life-giving flames of an open fire are both 
the result of oxidation. Another example 
is the physiology of breathing, the act 
performed mechanically and involuntar- 
ily throughout a lifetime. 

The subject of oxidation has received 
the attention of scientists since earliest 
times. Many theories of oxidation, some 


FLAMES GUSHING FROM OIL REFINERY 
STACKS — Exhaust gases ignite on contact 
with the air and undergo oxidation. 


laborious, some merely childish, were put 
forward before the facts were finally 
assembled into a coherent and satisfac- 
tory explanation. The most famous of 
these early theories is undoubtedly the 
“phlogiston” theory, which until 1700 was 
universally accepted. Ancient scholars 
had observed that if a metal is heated in 
the presence of air, it loses its character- 
istic luster; after a time, its surface layer 
acquires an opaque, earthy appearance. 
It was deduced from this that metals 
were each composed of a different sub- 
stance, and of something else that gave 
them their special luster, or their con- 
ductivity, or in general their character- 
istic properties. This something else was 
called phlogiston. When the metal was 
heated, it lost this extremely light and 


the process that 
makes life possible 


flammable “spirit,” which was dispersed 
in the air, leaving behind only the basic 
substance, now opaque and lacking all 
of its natural properties. 

But the ancients did not stop at this 
point. They also used the theory to ex- 
plain other phenomena. They noticed, 
for example, that when certain opaque 
substances produced by combustion were 
heated with carbon, their former bright- 
ness returned. Why was this? The expla- 
nation offered was that carbon, being 
very rich in phlogiston, was generous 
enough to donate a little of it to any 
substance with which it came into con- 
tact. Observing that air contributed to- 
ward the transformation of lustrous metal 
into opaque substances, they concluded 
that air contained an element that ab- 
sorbed phlogiston greedily whenever it 
got the chance, Since it was also observed 
that the transformation stopped at a cer- 
tain point, it was deduced that the proc- 
ess stopped when the air reached a satu- 
ration point. 

On the other hand, it did not escape 
the notice of these early scientists that 
the weight of the metal underwent a 
change during the transformation proc- 
ess. To be precise, it was noted that the 
substance remaining after combustion 
weighed more than the original metal. 
This obviously involved a gain, not a 
loss of something, light and immaterial 
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BRAZIER—Burning charcoal produces carbon 
oe CO2, carbon monoxide CO, and other 
ases. 


as it might be. In chemical terminology, 
the process involved synthesis, not de- 
composition. This contradiction, however, 
was explained by the now-preposterous 
assumption that phlogiston possessed a 


negative weight. As is known teday, the 
ancients were more concerned with qual- 
ity than with quantity. 

Toward the end of the eight: ath cen- 
tury, however, the space of a few 
years saw a series of startling overies, 
In 1774, the English cher Joseph 
RUST—A piece of iron expose jamp air 
soon becomes covered with a cr layer of 
basic iron(II) carbonate. This p s, which 
may continue indefinitely, involv ynversion 
of the iron from an oxidation sta zero (the 
elementary state) to an oxidati: te of 3+ 
(the compound). In other wor » iron Is 


oxidized. 


Priestley discovered and | red oxy- 
gen. In 1777, the Swedish ist C. W. 
Scheele also prepared it ng inde- 
pendently, and recognized | as a con- 
stituent of air. And in 17 1e French 
chemist Antoine Lavoisier lished ox- 
ygen as the element involved in the proc- 
esses of combustion and breathing. 
What exactly is oxidation’ In its com- 
mon usage, the process can | defined as 
the combination of an element or sub- 


stance with oxygen. Thus a metal such as 
magnesium combines with the oxygen of 
the air when heated and produces an 
oxide, which usually occurs as a POW 
dery, opaque substance. The following 
experiment was made by Lavoisier. He 
placed some mercury in a retort with a 
long, curved neck. The end of the retort 
led under a bell in a basin containing 
more mercury (Illustration 6). Lavoisier 
then used a stove to heat the retort t0 


STEEL INGOT DURING WEIGHING—The oxi- 
dized layer on the surface of the incandescent 
mass tends to break away from the steel ingot 
because it has different physical properties. 
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COMBUSTION OF MAGNESIUM—lllustration | 


5a shows the characteristic metallic luster of 
magnesium shavings. When burned in air, 
magnesium produces a brilliant white flame 
(Illustration 5b). The white powder remaining 
after combustion (Illustration 5c) is magnesium 
oxide MgO. During oxidation magnesium goes 
from a valence of zero to a valence of +2. 


5a 


LAVOISIER’S EXPERIMENT — This contem- 
Porary print shows the equipment used by 
Antoine Lavoisier in 1781 for the famous ex- 
perman that identified combustion as oxida- 
ion and led to more acceptable th 

the composition of air. cue 


5b 


THE COMP N OF AIR — Illustration 7a 
shows that dle continues to burn until 
it has used h of the oxygen in the air 
within the t er using up all the oxygen, 
the boilin nt of mercury. During 
this time powder formed in the 
retort, wh air trapped in the bell 
decreased | jout 20 percent of its orig- 
inal volur rhis was shown by the 
mercury leve! vising inside the bell to fill 
the space ic!i vacant by the departing 
air. The retort, weighed before and after 
the experiment, showed an increase in 
weight. The conclusion was that the mer- 


cury had combined with the oxygen to 
produce the oxide—the red powder inside 
the retort. Other gases also developed 
during combustion, but the volume they 

Occupied was much less than the volume 
occupied by the oxygen. 

A Here is another experiment, somewhat 
simpler than Lavoisier’s, but equally re- 
vealing about the process of oxidation. 
(See Illustration 7.) A lighted candle is 
attached to a piece of cork, floated in a 
dish of water, and covered with a glass 
bell. The candle continues to bum until a 
Portion of the air inside the bell has been 
used up, at which point the candle goes 
out. What has happened is that most of 


the candle goes out (Illustration 7b). Other 
gases, such as carbon dioxide and water 
vapor, have also been produced, but their 
volume is not great enough to occupy fully 


the oxygen inside the bell has been used 
up, leaving behind primarily nitrogen, 
the other basic component of air. Nitro- 
gen does not support combustion. After 
enough time has elapsed for the tempera- 
ture of the system to return to normal, 
the water in the dish will rise to fill the 
space previously occupied by the oxygen. 

Oxidation thus means chemical com- 
bination of a substance with oxygen. The 
reaction for the mercury experiment is: 
2Hg + O2> 2HgO. But this is not all. Ox- 
idation also means the removal of hydro- 
gen from a molecule, or the combination 
of an element with fluorine, chlorine, bro- 
mine, iodine, sulfur, and so on. 

In chemical terminology, an element 
is oxidized when its atoms lose electrons. 
The substance causing the loss of elec- 
trons is known as the oxidant or oxidizing 
agent. The electron change for the mer- 
cury-oxygen reaction is as follows: 


ee +2 -2 
Hg+O————> Hg0. 
id i 


2e7 27 


the space left by the oxygen. The water in the 
dish thus rises inside the bell to fill about 1/9 
of the volume originally occupied by the air. 


= a 


The atoms of all elements in the ele- 
mentary state—uncombined with other 
substances—have a zero charge, meaning 
that the number of electrons outside the 
nucleus is equal to the number of protons 
within the nucleus, Valence refers to the 
oxidation state or, to put it better, the 
electron state the atom assumes in com- 
bination. Mercury atoms in the elemen- 
tary state have only two electrons in the 
outermost shell, while oxygen atoms have 
six, During reaction with oxygen the mer- 
cury atom loses these two electrons—it 
loses two negative charges—and becomes 
an ion with a charge of 2+. The oxygen 
atom, on the other hand, acquires the two 
negative charges and assumes a charge 
of 2—, These numbers are the valence 
numbers of the mercury and oxygen. 
Thus, two electrons are exchanged be- 
tween one atom of mercury and one of 
oxygen. Since a molecule of oxygen con- 
sists of two atoms, however, two atoms of 
mercury are needed to supply the four 
electrons that are required for the overall 
reaction. The reaction thus becomes 
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OXYGEN-HYDROGEN FLAME — Oxygen and 
hydrogen combine to produce a flame that 
burns at about 2,300° C (about 4,172° F). 


8 


OXIDATION-REDUCTION — Color changes in 
the solutions show how the oxidation states 
of the ions change. In Illustration 9a: 16HCI + 
2KMnO, > 8H.O + 2KCI + 2MnCl, + 5Cl,. 
Here the solution changes from dark violet— 
the characteristic color of potassium perman- 
ganate, where the ion involved is Mn0O,-—to 
pale pink—the characteristic color of man- 
ganese(Il) chloride, where the ion is Mn?+ 
—at the end of the reaction. In Illustration 
9b: KCrO; + HS0, + 3S0, > K,SO, + 
Cr2(SO,); + H,O. The orange solution (the 
dichromate ion Cr.0,?-) turns green (the color 
of the Cr°* ion). 


2Hg +0:> 2HgO. 


The result is two molecules of the oxide. 

The reverse of the process of oxidation 
is known as reduction. Reduction is de- 
fined as a gain of electrons by a sub- 
stance. In the example given above, the 
mercury lost two electrons and was there- 
fore oxidized. The oxygen, which gained 
two electrons, was reduced. In every re- 
action in which a substance is oxidized. 
another substance is reduced. The re- 
duced substance picks up the electrons 
lost by the oxidized substance. Every 
chemical oxidation is therefore simulta- 
neously a reduction, and the term for the 


FIREWORKS—Combustion here 
the point of explosion. The ox 
is first mixed with the gunpowder 


violent to 
ing agent 


tion. Such 


entire process is oxidation-re« 2 
d “redox 


reactions are sometimes ca 


reactions. 

Oxidants (substances that capture elec- 
trons) are numerous. Apart from oxygen 
and the halogens (chlorine, bromine, flu- 


orine, iodine), already mentioned, there 
are hydrogen peroxide, potassium per- 
manganate, potassium dichromate, pO- 
tassium perchlorate, nitric acid, and many 
more. Reducing agents, which yield elec- 
trons, include hydrogen, carbon, alkali 
and alkaline-earth metals, sulfur dioxide, 
and ethyl alcohol. These substances and 
their reactions will be discussed later. 


OXIDATION-REDUCTION 


REACTIONS 


The reaction t take place with the 


transfer of « ns from one element, 
ion, or radic nother are called oxi- 
dation-reduc eactions, 

An exam] ich a reaction involves 
sodium, an ` element of Group I. 
Sodium has ig tendency to lose an 
electron fron atermost shell and as- 
sume a stab guration (that of the 
noble gas i according to the re- 
action 

Nat +e-. 

Chlorine econd element in the 
group of th gens) has seven elec- 
trons in its < iost orbit, Chlorine has 
a strong te to acquire an addi- 
tional electr aining the stable con- 
figuration of oble gas argon, in ac- 
cordance wi equation 

1 te-> Cl-, 

If some sodium is placed in 

the presenc hlorine, the following 


reaction tak e: 


N 2 Cla> NaCl, 


in which th ım has ceded one of its 


| the balance sheet of 

masses and electrons 
reaction takes place must necessarily 
contain some other compound that ac- 
quires these electrons (this other com- 
pound is reduced). 

The processes of oxidation and reduc- 
tion are always so coupled; the oxidation 
of a substance (that loses electrons) 
causes the reduction of some other sub- 
stance (that acquires the electrons lost 
by the first substance). 

In the simple case previously described, 
for example, the sodium has ceded an 
electron and becomes oxidized, thereby 
causing the reduction of the chlorine that 
acquired the lost electron. 

The stoichiometric formulation of the 
oxidation-reduction reactions (also re- 
ferred to as redox reactions) is consider- 
ably different from the formulation of all 
other reactions. A correct representation 
of the equation of an oxidation-reduction 
reaction requires introduction of the con- 
cept of the oxidation number. This num- 
ber is a formal characteristic of each 
atom. The number is established on the 
basis of the charge that the atom seems 
to display in a compound—provided that 
the bonds with the other atoms have been 


electrons to ilorine and a bond has formed exclusively as a result of the sur- 
been estab! between the chlorine render (or the acquisition) of electrons. 
and the sod In certain cases, the oxidation number 
Variation in umber Variation in the 
of elec oxidation number Terminology 
loss of elect increases oxidation 
acquisition of electrons diminishes reduction 
acquires electrons diminishes oxidizing agent 
supplies electrons increases reducing agent 
loses electrons increases oxidized substance 
acquires electrons diminishes reduced substance 


ee en E a E 


This and analogous reactions that take 
place with the surrender (or acquisition) 
of electrons are called oxidation-reduc- 
tion reactions. More precisely, the name 
of oxidation is applied to processes in 
which an element or an ion loses elec- 
trons, whereas reduction indicates proc- 
esses in which an element or an ion gains 
electrons. The term oxidation was origi- 
nally applied exclusively to those reac- 
tions in which a compound or an element 
oe with oxygen; only at a later 
Stage did the term acquire its present, 
more general meaning. 

Ress compound loses a certain num- 
ae electrons ( that is, when it is oxi- 
ed), the environment in which the 


is identified with the charge that the atom 
acquires when the molecule to which it 
belongs becomes dissociated in an aque- 
ous solution and gives rise to ions. In 
other cases, the oxidation number is cal- 
culated in an arbitrary manner and does 
not correspond to any one ion of the ele- 
ment under consideration. 

For example, the charge of the calcium 
in calcium chloride (CaClz) is equal to 
+2 and that of the chlorine is +1. These 
values are equal to the charge of the re- 
spective ions in solution. In covalent com- 
pounds, on the other hand, the atoms 
have a state of positive or negative oxida- 
tion, according to the electronegativity 
of the atoms under consideration. In 


methane, for example, the carbon atom is 
more electronegative than the hydrogen 
atoms. The hydrogen, therefore, will have 
an oxidation number of +1 and the oxida- 
tion number of the carbon will be —4. 

The principal rules followed in assign- 
ing an oxidation number or state to a 
given substance are as follows: 

1. The oxidation number of the atoms 
in the elementary state is zero, irrespec- 
tive of the complexity of the molecule. 
Phosphorus, hydrogen, and sodium, for 
example, have tetratomic, diatomic, and 
monatomic molecules, respectively; but 
the oxidation number is equal to zero in 
all cases. 

2. In an ion that consists only of a 
single atom, the oxidation number co- 
incides with the electric charge possessed 
by the ion, In the case of the ion Mg*t, 
for example, the oxidation number will 
be +2, and it will be +3 in the case of 
AB+, 

3, In the case of compounds or radicals 
that consist of several atoms, the two rules 
above must be specially applied. Hydro- 
gen, for example, has an oxidation num- 
ber of +1 (with the exception of hy- 
drides, in which the oxidation number of 
the hydrogen is —1). Oxygen has an oxi- 
dation number of —2 (except in the case 
of peroxides and oxygen-fluorine bonds, 
fluorine being more electronegative than 
oxygen). 

To attribute the oxidation numbers cor- 
rectly in such cases, the two rules stated 
above will have to be applied in conform- 
ity with the following principle: in neu- 
tral molecules, the sum of the oxidation 
numbers of the constituent atoms must 
be zero; in complex ions, the sum of the 
oxidation numbers must be equal to the 
effective charge of the ion. 

The following examples illustrate the 
three rules and their practical applica- 
tion. 

The oxidation number of the nitrogen 
in nitric acid (HNOs) is +5. It is deter- 
mined as follows: the oxidation number 
of the hydrogen is +1; that of the three 
oxygen atoms is —6; that is, —2 x 3. The 
oxidation number of the nitrogen must 
therefore be +6 — 1, or +5. 

In potassium permanganate, KMnO,, 
the manganese has an oxidation number 
of +7 because the potassium has a charge 
of +1; the charge of the four oxygen 
atoms is —8, and (—8+1) =—7. Oxida- 
tion-reduction equations can be balanced 
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THE REDUCTION OF ZINC WITH A BISMUTH 
SALT—Metallic zinc will precipitate metallic 
bismuth from a solution containing Bi** ions, 
in accordance with the reaction 


2Bi** + 3Zn = 3Zn?* + 2Bi. 


by writing the equations relating to the 
reduction and oxidation reactions sepa- 
rately, then summing them in such a way 
that the number of free electrons is zero, 
An example is the reduction of the ferric 
ion (Fe*+) into the ferrous ion (Fe?+) 
as a result of contact with the stannous 
ion (Sn?+), which is converted into the 
stannic ion (Sn*+). The electronic proc- 
esses are 


Fe’+ +e- > Fe?+ 
and 
Sn?+ > Snt+ + 2e-, 


If the first reaction is multiplied by 2 and 
then the two equations are added, the 
free electrons disappear and the exact 
expression of the oxidation-reduction 
process is 


2Fet+ + Sn?+ > 2Fe?+ + Spit, 


A more complex example is provided by 
the reaction between potassium perman- 
ganate, KMnO,, and ferrous sulfate 


The test tube shown in Illustration 1a con- 
tains a solution of a bismuth salt. Some gran- 
ules of metallic zinc are in the watch glass on 
the right. If a granule of zinc is added to the 
solution in the test tube—as shown in Illus- 
tration 1b—reduction to metallic bismuth be- 


FeSO,, 


2KMnO,+10FeSO,+8H20, 
> K,SO,+2MnSO,+5Fe2(SO,)3+8H2O 


The manganese (which has an oxidation 
number of +7 in the permanganate ) 
passes to an oxidation number of +2 in 
the manganese sulfate, while the ferrous 
ion (with an oxidation number of +2) 
becomes a ferric ion with an oxidation 
number of +3, 


MnO,- + 5e~ > Mn?+ (Mn7+—> Mn8+ ) 
and 
Fe?+ > Fe3+ +e-, 


To calculate the reaction coefficients, 
the respective reactions of oxidation and 
reduction must be balanced. To do this, 
use is made of the fact that in an acid 
environment, hydrogen reacts with oxy- 
gen to form H:O and that this oxygen 
does not remain bound to the oxidizing 
agent because of the reduction of the oxi- 
dation number. The coefficients of the 
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gins immediately. In Illu 1c the black 
metallic bismuth is seer ottom of k 
test tube, the Bi°* lons h n compii 
reduced. The granules in the watcli 
glass appear darker In | ı 1c only be- 
cause of a change in ligh 

"o, 
two reactions (oxidati | reduction) 
must, therefore, be mu! i by suitable 
values to ensure that t mber of ex- 
changed electrons is If the two 
equations obtained are ded, the re- 
action in ion form—with its exact stoichio- 
metric coefficients—will be obtained. T 
manganese, in passing from a state F 
oxidation of +7 to a state of ondadon 
+2, acquires five electrons that will sob 
sequently be subtracted from the five iron 


atoms, which will thus pass from Fe**+ to 
Fe*+ by the following reactions: 


MnO,- +8H+ + 5e- > Mn?+ + 4H:0 
and 
5Fe?+ > 5Fe®+ + 5e-. 


If all terms on the right are added, and 
similarily, those on the left, the reaction 
in ion form and, eventually, in molecular 
form is 

MnO, ~ + 8H+ + 5Fe?* 

> Mn?+ + 4H0 + 5Fe**. 


OXIDIZING AGENTS AND 


REDUCING AGENTS 


normal reactions of 
tion, there are also 
he same element be- 
ing agent and as an 
phenomenon of si- 

ı and reduction of 
called disproportion- 
The reactions are 
ition and reduction 


In addition to i 
oxidation and 
reactions in wh 
haves both as 
oxidizing age: 
multaneous © 
the same elen 
ation, or disn 
called intern: 


reactions, An lə is the formation of 
sodium hypoc ind sodium chloride 
from gaseou ie and sodium, hy- 
droxide. 

Cl, + 2NaO 10 + NaCl + H:O 
In this reacti chlorine passes from 
an oxidation 1 r of 0 to an oxidation 
number of + | hypochlorite and —1 
in the chlorid 


—le 


Ot 
chvcrs NaClO+NaCl+H,0 
2S as f 


Thus, the : lement has increased 
its oxidation r in the formation of 
one compoui reduced its oxidation 
number in th ition of another com- 
pound, 


SELF-OXIDA N 


The rather rare phenomenon of self-oxi- 
dation is somewhat analogous to cata- 
lytic action, although there are important 
differences, Self-oxidation is illustrated 
by the action of two solutions: sodium 
arsenite (Na,AsQ,) and sodium sulfite 
(NasSOs), If both are exposed to at- 
mospheric oxygen, the sodium sulfite is 
oxidized to sodium sulfate (Na2SOx) 
and the sodium arsenite undergoes no 
change. If the resulting two compounds 
are then mixed, and atmospheric oxygen 
is bubbled through the solution, the ar- 
Senite is oxidized to arsenate (NasAsO,). 
For each molecule of sulfite previously 
oxidized to sulfate, a molecule of arsenite 
is oxidized to arsenate. The mechanism is 
as follows: a molecule of oxygen reacts 
with the sulfite, forming a complex and 
unstable sulfate; this compound then 


transfers an oxygen atom to the arsenite, 
oxidizing it to arsenate. This action is sim- 
ilar to that of a catalyst, but is different 
in that the quantity of oxygen ceded by 
a self-oxidizing agent is not unlimited 
(as it is with a catalyst), but can never 
be greater than half the amount of ab- 
sorbed oxygen—unless, during the proc- 
ess, the structure of the self-oxidizing 
agent is altered by other reactions. 


GRAM EQUIVALENTS IN 
OXIDATION AND 
REDUCTION REACTIONS 


In acid-base neutralization reactions, 
equivalent weights are calculated on the 
basis of the hydrogen atoms displaced. In 
oxidation-reduction reactions, the con- 
cepts of oxidation equivalent and reduc- 
tion equivalent are introduced. The oxi- 
dizing or reducing capacity of a given 
substance is a direct function of the num- 
ber of electrons that are displaced during 
the process. Thus, the oxidation (or re- 
duction ) equivalent is found by dividing 
the molecular weight of the molecule by 
the number of electrons lost or acquired 
during the oxidation or reduction. 

In the case of the oxidation of ferrous 
sulfate by means of permanganate, the 
reaction is: 5Fe?— + 8H+ + MnO,- > 
5Fe?+ + Mn?+ + 4H,O. The equivalent 
weight of the sulfate is given by 


Feso, = FeSO; = 151.9. 


fundamental concepts 
and particular phenomena 


The equivalent weight of potassium 
permanganate in acid solution is given by 


the formula: 


KMnO; _ 158.03 
prr S 


Furthermore, since the equivalent 
weight of a substance depends on the re- 
action under consideration, the same sub- 
stance can have different oxidation and 
reduction equivalents for different reac- 
tions. An example of this is provided by 
sulfur in the following discussion; 

In the process where hydrogen sulfide, 
H:S (where sulfur has an oxidation num- 
ber of —2), is oxidized to sulfur trioxide, 
SO; (where sulfur has an oxidation num- 
ber of +6), the oxidation equivalent of 
the sulfur is S/8—since sulfur loses eight 
electrons. 

On the other hand, in the reaction in 
which sulfur is oxidized to sulfur dioxide, 
SO», the oxidation equivalent of the sul- 
fur is S/4 because sulfur loses only four 
electrons, Finally, in the oxidation of sul- 
fur dioxide to sulfur trioxide, the equiv- 
alent is S/2. 

The reactions of oxidizing and re- 
ducing agents with each other are based 
on their equivalent weights. A normal so- 
lution of these two agents is one having 
one gram equivalent in one liter—as 
with potassium permanganate in an acid 
environment, where the normal solution 
is one with 31.6 g of the compound in one 
liter of the solution. 


= 316. 
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THE DISMUTATION OF POTASSIUM MAN- 
GANATE—An example of a disproportionation 
reaction is the reaction of KMnO, in water. 
Potassium manganate dismutates by deposit- 


ing MnO». The solution turns violet due to the 
presence of KMnO, (potassium permanganate): 


3K.MnO, + 2H20 = 2KMnO, + MnO, + 4KOH. 
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nate, potassium dichromate, the halogens, fluorine > chlorine > bromine > iodine 
egies ; ide, other peroxides, and i ] 
rile ANET S RE ak acid. Dilute nitric In general, pean kaag Bi 

coni ‘ sarc hilo i le 

i d are oxidizing agents, 
idizi acid and concentrated sulfuric acii a nike oat an 
A substance can act ae ee oe oxidizing agents of medium strength. If ai co h a a 
reducing agent, depen: d g ae the sub- weak oxidizing agents are needed, silver D CE ae a aon 
perature, its concentration, de to react. oxide and cupric oxide may be used. oem 5 TEE nna 
cee rs r oddane agents The oxidizing strength of the halogens a hast = ; 
The most common stron ; ; vi 
ets, itself, potassium permanga- is as follows: 
XC GED 
OXIDIZED FORM REDUCED FORM ELECTRONS E G 


THE TRANSFER OF ELECTRONS — In the 


pointing downward rı 


epresent a positive oxi- 


4 table shown here, a simple bar represents an 


elec- 
ber. The table illustrates the number of 
oxidation number of zero; bars with teeth 


ized 
trons exchanged in going from an oxid 
state to a reduced state. 


dation number; 


and bars with teeth pointing 
upward represent a negative oxidation num- 


REDUCTION PRODUCT 


REDUCING 
of ONDING ee OXIDATION PRODUCT OF THE 


REDUCING AGENT 


OXIDIZING AGENT 
m 


VTE T AOPEN AI BEERE TE 


PIDATION-REDUCTION REACTIONS — This 
n cere the same symbolism as Illustration 2 
eda as lo show a series of partial oxidation- 

ction reactions. Reactions that occur in 


acidic conditions are shown against an orange 
background; those occurring in alkaline con- 
ditions are shown in blue. The first case is an 
example that needs to be balanced. The oxi- 


dation reaction (MnO, + 5e > Mn?*) is multi- 
plied by 2 and the reduction reaction (S°- -> 
S + 2e) by 5; thus, the number of electrons 
gained equals the number lost: 10. 
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ACIDS AND BASES | 


No chemist would ever peer into a glass 
of water to see if he could find a broken 
molecule or two. Chemists, however, do 
something not appreciably different from 
this. What is more, they are able to make 
fairly accurate measurements of the ex- 
tent of the “breakage” or, to put it more 
exactly, ionization. The reaction involved 
is H,O > H+ + OH-. This is the ioniza- 
tion, or splitting, of a water molecule into 
one hydrogen ion (H+) and one hy- 
droxyl ion (OH~). 

As it stands, however, this reaction is 


ACIDS AND BASES—The illustration shows a 
variety of different acids and bases, each in its 
own characteristic bottle. Some of the bottles 
are transparent and some are black. The black 


incorrect, for it is not possible for a hy- 
drogen ion to exist in isolation in a solu- 
tion, What then does H+ represent? The 
hydrogen atom, the simplest of all atoms, 
consists of a one-proton nucleus. A hy- 
drogen ion is merely a hydrogen atom 
that has had the electron stripped away, 
leaving just the proton. 

A proton or H+ ion is an extremely 
small particle with a very high concen- 
tration of electric charge. The electron 
with its negative charge is no longer pres- 
ent to exert a neutralizing effect. As a re- 


bottles are used to store substances that are 
sensitive to light. Other bottles are made of 
polyethylene, a synthetic plastic highly resist- 
ant to corrosion from chemical agents. 


chemical antagonists | 


sult, the H+ particle forms loose electro- | 
static bonds with one or more un-ionized 
water molecules. This occurs because 
water molecules are polar; that is. their 
internal charge is unevenly distri ated 
so that one part of the molecule osi- 
tive and the other part negative. Vhat 
happens, therefore, is that the hy: ogen 
ion, with its very high positive cha: ze, is 
attracted to the negative end of the volar 
water molecule. The correct form ©‘ the 


reaction is thus 


H:O + H:O > Ht 


H,O* groups are called hydronium ‘ons. 
A more general formula, taking int- ac- 
count the fact that more than one 1,0 
molecule may associate with the H* 
particle, is H(H20),+. 

Hydroxyl (OH—) ions also assoc iate 
with water molecules. In chemical terms, 
the H+ ion and the OH- ion are said to 
be hydrated. 

This phenomenon, however, is not re- 
stricted to H+ and OH- ions. All ios in 
aqueous solutions, whether positiv !y or 


2 


H,O0—This is the orientation in space of the 
atoms in a molecule of water. The large atom 
of oxygen is bonded to the two smaller hydro- 
gen atoms at the side. The bond angle is 105°. 


negatively cl 


as being hyd 
a shell of att 
Hydratio 
importance 
into accour 
for examp|: 
ina glass of 
have repli 
of magical 
fortunately 
ons in its £ 
convincing 
pens when 
(common s 
of water? C: 
that is, it co 
array of alte 
ions attractir 
the ions, thc 
come the for 


SOLUBILITY- 
solid, the mc 
forces of attr 
drated ions ar 
shows a fragr 
mon salt (Ns 
water. The w 
ions away fro 


3a 


d, should be regarded 
that is, surrounded by 
d water molecules. 


ons is of considerable 


nust always be taken 
ution reactions. Why, 
ordinary salt dissolve 
The alchemists would 
question with a salvo 
1s. Modern chemistry 
re sophisticated weap- 
nd can give a more 
What exactly hap- 

il of sodium chloride 
dropped into a glass 
salt is an ionic solid; 
f a three-dimensional 
; positive and negative 
another. By hydrating 
ecules of water over- 
attraction in the solid 


state and permit the crystal to dissolve. 
To be even more precise, H:O molecules 
accumulate around a negative chloride 
ion (Cl—) with their positive parts point- 
ing toward the Cl- ion. As a result the 
Cl- ion is pulled away from the solid and 
hydrated—it has gone into solution. The 
same thing happens to an Na+ ion. In 
this case, however, the H.O molecules 
point their negative parts toward the 
Na+ ion. The ion thus goes into solution 
in hydrated form. (Illustration 3 repre- 
sents this process. ) 

The number of positive ions present 
in the NaCl solution will clearly equal 
the number of negative ions. Moreover, 
if the NaCl solute is taken out of the 
solution, the resulting pure water will 
contain an equal number of hydroxyl and 
hydrogen ions, as well as a very large 
number of un-ionized H¿O molecules. 


jrating the ions of the 
of water neutralize the 
between them. The hy- 
) solution, Illustration 3a 
e crystal lattice of com- 
unded by molecules of 
ecules tend to pull the 
lid. Illustration 3b shows 


two ions, one of sodium (blue) and the other 
of chlorine (red), surrounded by molecules of 
water. The chloride ion, negatively charged, is 
surrounded by the positive parts of the polar 
water molecules, while the sodium ion, posi- 
tively charged, is surrounded by the negative 
parts of the polar water molecules. 


One useful way to express these concen- 
trations in quantitative form is: 


[H+] [0H -] _, 
[H20] ’ 
The terms in brackets represent the con- 


centrations of the ions and molecules; 
the letter K is a constant. 


3b 


4 


By rearranging terms, the equation be- 


comes K[H,0] = [H+] [OH ~ }. Since the 


a INDICATOR TEST—The test tubes con- in the tube at the top right has turned red, 3 | 

tain neutral, acid, and basic solutions. The in- showing the presence of an acid. The blue concentration of water in dilute solutions 

dicator in the tube at the left remains yellow, color of the paper in the tube at the bottom is essentially constant, however, the term 

showing that the solution is neutral. The paper right indicates the presence of a base. K[H.0] becomes a new istant—K,,, 
This is called the ionizati onstant of 
water. The value of this « int at 25°C 
is known: K, = 1 X 10-7" e equation 
thus becomes: 1 x 10~"* +] [OH-], 
Since among other thing wever, the 
concentrations of H+ and are equal, 
the final form is [H*] H-]=1x 
10-7. 

This figure reveals thi y small de- 
gree of ionization that s place in 
water. A liter of water, t, contains 
but one H+ ion and or H- ion for 
every 554 million molec œs of water. 
The symbol H+ is mer convenient 
shorthand for that of th drated ion: 
H(H,0),*. 

When a substance si as NaCl is 
added to water, the H | OH- con- 
centrations are in no v hanged be- 
cause salt contains neit me nor the 
other. If, on the other h a substance 
such as HCl is added to r, additional 
hydrated H+ ions will ito solution. 
The concentration of H in the solu- 
tion, therefore, will no k be 1 x 10-7, 
but considerably high« e concentra- 
tion of OH- ions will d se, however, 
since the ionization < at K, must 
remain constant. In o words, H:0 
molecules will recombi: om H+ and 
OH- ions and remove | {+ and OH- 
ions from the solution drogen ions, 
introduced when HC! added, will 
thus be present in mucl iter numbers 
than hydroxy] ions. 

The same thing happew: to the concen- 
tration of OH- ions if a substance such 


as NaOH is added to water. The result 
is an excess of OH- ions coupled with a 
decrease in the concentration of H+ ions: 

These two types of compounds behave 
differently when dissolved in water. The 
first type produces an increase in hydro- 
gen ion concentration, and the secon! 
types increases hydroxyl ion concentra- 
tion. These phenomena are the basis for 
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one definiti 


types of compounds 

of great ir e to chemistry: acids 
and bases, 

Any subs apable of increasing 

the H+ ion itration in a solution is 

said to be d, and any substance 


capable of 
tration is sa 
garded as n 


ing OH- ion concen- 
be a base. Water is re- 
; it contains an equal 
number of hydrogen and hydroxyl ions. 

Acids and bases have distinctively dif- 
ferent properties. Acids have a special 
Sour taste and a pungent odor, while 
bases have a bitter taste and a slippery 
Consistency, The chief difference from 
the point of view of analysis, however, 
is that acids and bases color indicators 
differently. A yellow universal indicator 
will tum bright red in the presence of an 
acid and blue in the presence of a base 
(Illustration 4). 


MAGNESIUM HYDROXIDE—The test tube con- 
tains a cloudy, milky suspension of magnesium 
hydroxide, a base obtained by reacting solu- 
tions of magnesium sulfate with sodium hy- 
droxide. The reaction is 

2NaOH + MgSO; > Mg(OH), + Na2SO,. 


ACIDS—Two acids with uniquely character- 
istic properties. Illustration 6a shows a beaker 
containing a solution topped by a white foam- 
like mass, benzoic acid. Because it is lighter 
than water, the acid floats on the surface in a 
thick white layer. Illustration 6b shows the 
beautiful green flames that develop when boric 
acid is treated with a small amount of alcohol. 


4 


THE STRENGTH OF ACIDS 


AND BASES 


As presented in a previous article, the 
chief difference between acids and bases 


la 


oy EOL 
STRENGTH OF AN ACID—A sm: nt of 
sulfuric acid poured over any organic sub- 
stance is enough to demonstrate the strength 
and dehydrating power of the acid. Nothing 
remains of the treated parts except charred 


fighting each other 
to a standstill 


is that acids yield hydrogen ions (H+) 
whereas bases yield hydroxyl ions 
(OH-) in aqueous solutions. Some acids 
and some bases are stronger than others. 
No one would dream of using hydro- 
chloric acid or sulfuric acid as an eye- 
wash instead of boric acid, or of swal- 
lowing a dose of caustic soda, instead of 
bicarbonate of soda, for an upset stom- 
ach. Common knowledge, however, is 
only a rough-and-ready guide to the 
strength of acids and bases. More pre- 
cise information taken from chemistry is 
needed. 

What happens when each of three so- 
lutions with the same molar concentra- 
tions (the same number of moles per 
liter)—hydrochlorie acid, HCl, hydro- 
PE 


holes. Sulfuric acid is a strong acid, in con- 
trast to boric acid, which can be applied safely 
to the skin. The photograph below shows a 
geyser, a typical source of boric acid. 


bromic acid, HBr, and ‘\vdriodic acid, 


HI-is reacted with ar ual quantity 

of zinc? Those elements precede hy- 

drogen in the electroch al series dis- 

place it from acid soh in which it 

is present as H+ ion hydrogen is 

thus liberated in gase rm (Hg): 
Zn + 2H+ > 2 Ho. 


If equal volumes of t ids are used, 


and if the hydrogen ited is mea- 
sured, it will be foun: t the quantity 
of Hy liberated by HI system is 
slightly greater than juantity liber- 
ated by the HBr syste suming equal 
reaction times for < iree systems), 
which in turn is great in the quantity 
liberated by the HC] n. Since equal 
volumes of solutions equal molar 
concentrations contai same number 


iich ionizes to 
iter reactivity 


of molecules (each í 
give an H+ ion), thi 


nt is used to mee 
sure the pH of both acids and bases. 


pH-METER—This instrume 


of the HI reaction system must be the 
result of a greater number of H+ ions 
than in the other systems. On this basis, 
HI is considered a stronger acid than 
HBr, which is stronger than ci. The 
strength of an acid is thus measure k 
terms of the hydrogen ion concentration 
of the solution. The scale of acid streng 
ranges from very strong acids—HI, He 


3a 


IONIC OXIDES 


ese compounds are gen- 

rally solid at room temperature. One example 

an ionic, or sic, oxide is calcium oxide 
U 


HCl-through an intermediate range, 
down to the weak acids (boric acid), and 
finally to the very weak acids (hydrocy- 
anic acid), The word weak means that 
the acid is less ionized. 

` The strength of bases is assessed 

y applying the same reasoning to hy- 
droxyl (OH-) ions. 

The PH of a solution is defined as the 
negative logarithm of the concentration 
of hydrogen ions in the solution. In equa- 
tion form, this is: 


pH = —log [H+]. 


Suppose, for example, that a solution 


(CaO), better known as quicklime (Illustration 
3a). When poured into a beaker of water (Il- 
lustration 3b), it produces a basic solution 


contains one thousandth of a gram-ion 
(.001= 10-8 g-ion) of hydrogen in one 
liter of solution. Its pH is thus 

pH = -log 10-*=3. 


Conversely, a solution whose pH =8 will 
have a hydrogen-ion concentration equal 
to 10-8 g-ion/l. In the case of neutral so- 
lutions such as water, the concentration 
of hydrogen ions is equal to the concen- 
tration of hydroxyl ions: 


[H+] =[OH-]=1.0 x 10-7 


The pH of water is therefore 7. For acidic 
solutions it is less than 7, and for basic 


(Illustration 3c) containing Ca(OH)». The milky- 
white appearance is due to undissolved 
Ca(OH). 


a 


solutions, greater than 7. The concentra- 
tion of a strong acid provides the con- 
centration of H+ ion, which gives the 
pH value. In the case of a strong base 
the concentration is in terms of OH- 
ions. Thus, to obtain the H+ ion concen- 
tration and the pH, the following equa- 
tion is used: 


[H+] [OH-] =K =1 x 10-** 
where K, is the dissociation constant for 
water. Therefore, 

1x 10-1* 


[H+] = 657° 


3b 


3c 
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ACID ANHYDRIDES—These oxides color a 
water-moistened litmus indicator red, and pro- 
duce acid solutions. An example is sulfur di- 
oxide (SO). Obtained by burning sulfur, this 


compound reacts with the water in the indi- 
cator to produce sulfurous acid (H2SOs), 
which turns the indicator red. 


To solve for [H+], the value of [OH—] 
is substituted into the equation, which is 
then solved for [H+]. 

pH may also be determined by using 
an instrument called a pH-meter. An- 
other way is to use indicators that take 
on a characteristic color indicative of the 
pH value. 


THE ORIGIN OF ACIDS 
AND BASES 


How are acids and bases formed? All ele- 
ments except the noble gases combine 
with oxygen to produce oxides. Some of 
these oxides contain ionic bonds while 
others contain covalent bonds. 

Tonic oxides, like all ionic substances, 
are solids at room temperature. They are 
generally formed from alkali and alka- 
line-earth metals. These substances are 
called basic oxides, because their solu- 
tions produce hydroxyl ions. 


CaO +H:0> Ca(OH)» 
= Ca?+ + 20H- 


The elements to the right of the periodic 
table form covalent oxides called acid an- 


hydrides. These substances produce acids 
in solution, Thus sulfur trioxide, SOs, 
forms sulfuric acid with water according 
to the reaction: 


SO; + H20 > HS0, È 2H+ + SO,?-. 
AMPHOTERIC SUBSTANCES 


Some oxides, generally those formed with 
elements from the center of the periodic 
table, have both acidic and basic proper- 
ties. Such substances are said to be am- 
photeric. 

Aluminum hydroxide, for example, be- 
haves differently in the presence of acids 
as compared to bases: 


Al(OH)3 +30H~- > AlO,°~ + 3H20 (1) 
Al(OH); +3H+ > A+ + 3H:0 (2) 
The first reaction produces the anion 
AlO;3—, the second the cation Al3+. The 
explanation of this phenomenon lies in 
the fact that several bonds in the alumi- 
num hydroxide molecule may be broken. 
Addition of an acid solution (H+ ions) 
causes a break in the Al—O bonds, with 
the hydrogen ions then combining with 


the hydroxide ions to form water: 


OH +H+ 
Al—OH + H+ > Al8+ + 3H,0. 
OH+H* 


In the presence of hydroxy! (OH-) 


ions, however, the bond between ‘he oxy- 
gen and the hydrogen is the ne that 
breaks. As a result, OH- ions >in with 
the H+ ions and form mol ules of 
water. The other product of the «action 
is the aluminate ion AlO,°—; 

OH + OH- oO 

Al-OH + OH- > Al-—O 3H,0. 

OH+OH- (0) 
NEUTRALIZATION 
The tendency of water to ioni» \s very 
small. This means, therefore, | at H+ 
and OH- ions have a marked af ity for 
each other. That is, they tend to vecom- 
bine immediately. But acids yiel hydro- 
gen (H+) ions and bases yield h droxyl 


(OH-) ions in solution. Thus, wht hap- 
pens when an acid (HCl, for ex: mple) 
and a base (NaOH, for exampl: ) are 
combined in solution is easy to pi edict. 
The H+ ions of the acid combine with 
the OH- ions of the base to form water. 
The Na+ ions produced by the di socia- 
tion of the base and the Cl- io: ; pro- 


duced by the ionization of the : ‘id re- 
main in solution. 

This combination of H+ ions a | OH- 
ions is the so-called neutralizat 1 reac- 
tion. Neutralization is thus the action 
of an acid and a base in solutio: io form 
water and a salt. The salt in the xample 
above consists of the Na+ and !- ions. 
These ions are hydrated, th is, sur- 
rounded by molecules of wate in solu- 
tion. If the solution is evapora .d, how- 
ever, the molecules of water su -ounding 
the ions are driven off. The ion: then re- 


combine to form crystals of sodium chlo- 
ride, NaCl. The reaction of an acid with 
a base thus gives rise to a new series of 
compounds-—salts, The actual reaction in 
neutralization, however, is simply: 


H+ + OH- > H.O. 
The form 
HCI + NaOH > H:O + NaCl 


is incorrect because it implies that the 
Na+ and Cl- ions take part in the nev- 
tralization reaction. This is not the cas? 
at all. 


pH | 


Water is the so! 
in preparing $í 
is produced ~ 
are joined to 
cule is repre: 


t most frequently used 
vtions. A water molecule 

ı two hydrogen atoms 
vgen atom. This mole- 
l by the symbol H:O. 


After extens rrification, water has 
an ion cond! that ceases to vary. 
As the table this conductivity has 
different va! cording to the tem- 
perature of t uid. 

CONDU‘ TY VALUES OF 
PURE W AT DIFFERENT 
TI RATURES 
at18°C ( 10-® ohm! em-? 
at 25°C ( 10-8 ohm-! cm-1 
at50°C 0 10-8 ohm-! cm-! 
The very sn iantity of ions present 
indicates the electrical conductivity 
of pure wate ter can be dissociated 

as follows: 

H i+ +OH-. (1) 
With the te ‘ture constant, a small 
percentage © ) molecules dissociates 
to provide I drogen ions and OH- 
hydroxy] io; olution. By applying 
the laws of action to (1), it can 
be shown tl product of the con- 
centration © ] hydrogen ions and 
[OH-] hyd: ms in a liter of water, 

[H M-J] =E (2) 
called the io luct of water, is a con- 
stant at cons  mperature. 

If the co ration of [H+] and 
[OH-] is e sed in gram ions per 
liter, the value obtained is about 10-14 
at 25° C (77° F) for Ky. This concentra- 
tion is equal to a solution in which one 


liter contains a number of grams of indi- 
vidual ions equal to its weight. 


ae M N o 

VALUES OF THE ION PRODUCT 

OF WATER (Kw) AS A FUNCTION 
OF TEMPERATURE 


(gram ions per liter) 
at 0°C K,=0.113 - 10-4 
at 25°C Ky, = 1.007 - 10-14 
at50°C K, =5.480- 10-1 


This value permits calculation of the 
Concentration of hydrogen ions in pure 
water. In this case, it clearly follows 
from ( 1) that the formation of each 
drogen ion is accompanied by the for- 


the degree of acidity or alkalinity 


mation of a hydroxyl ion, in other words, 
[H+] = [OH-]. It therefore follows from 
(2) that 
[H+]? = 10-14, 
in other words 
[H+] = 10-7 gram ions/liter. (3) 

When water dissolves substances that 
can free hydrogen ions (called acids), or 
hydroxyl ions (called bases), the value 
for the concentration of hydrogen ions 
varies a great deal from that derivable 
from (3). 

An experiment may require a liter of 
aqueous solution in which one mole of 
hydrochloric acid has been dissolved. 
Hydrochloric acid is a strong acid that 
can be completely decomposed in solu- 
tion so that, in effect, the solution will 
contain only H+ and Cl- ions. Here the 
concentration of H+ ions is equal to 1. 
It follows from (2) that the [OH-] con- 
centration should be equal to: 


10 = 10-" gramitons/litect (4) 

mH gram ions/ liter. 
Obviously, the numbers representing the 
concentration of hydrogen and hydroxyl 
ions involve using powers with expo- 
nents that are often negative. If these 
powers were not used, writing down 
these relations would be very awkward. 
For pure water at 25° C (77° F), given 
that [H+]? = 10-", the written formula 
would be [H+] = 0.000,000,1 = 10-7. In 
the case of hydrochloric acid in solution 
(4), it would become 


[OH-] = 0.000,000,000,000,01 = 10-**. 
DEFINITION OF pH 


The pH of an aqueous solution is defined 
as the decimal logarithm with the sign 
changed of the concentration of hydro- 
gen ions. It is important to remember 
that the decimal logarithm of a power to 
base 10 is equal to the exponent of the 
power. Thus, log 10° = a. In other words, 

pH = —log[H*]. (5) 
This quantity, apparently much more 
complicated than the simple concentra- 
tion of hydrogen ions [H+], makes it 
much simpler to describe a solution’s 
acidity or alkalinity because small num- 
bers can be used. For normal cases, the 
pH scale extends from 0 to 14. It is easy 
to calculate the pH of pure water at 


25° C (77° F) from (3) and (5). It is 

pH = -log 10-7 = —(—7) =7. (6) 
Since pure water is completely neutral 
(the condition [H+] = [OH-] holds for 
pure water), it is clear that, for a temper- 
ature of 25°C (77°F), pH=7 corre- 
sponds to what is called the neutrality 
point. Values of pH above 7, and nor- 
mally falling within the interval between 
7 and 14, represent conditions of alka- 
linity (([H+] < [OH~—]) that increase the 
further away it moves from 7. Values for 
pH below 7, normally included in the 
interval between 7 and 0, represent con- 
ditions of acidity ([H+] > [OH~]) that 
increase as the numerical value of pH 
gets smaller. 


I 


WATER MOLECULE—A water molecule con- 
sists of an oxygen atom and two hydrogen 
atoms forming an angle of 105°. When they 
dissociate, they split up into H* and OH™ ions. 
THE CONDUCTIVITY OF WATER—Water has 
a low degree of conductivity, as indicated by 
the different positions of the needle in Illustra- 
tions 2a and 2b. 
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vitoneacid aai ° fering system in human blood that keeps 
AA its pH at 7.35. A buffer normally consists 
i of an aqueous solution of a weak acid 
¢ Stronger aag and its salt with a strong base, or a weak 
jemen juice RS base and its salt with a strong acid, 
4 For example, study the bu“er, acetic 
acid-sodium acetate. Acetic sid is de- 
5 [H] > [OH] fined as a weak acid because `n aqueous 
nilk a solution, it gives the equilib -n 
water DSF *] = [OH] = 107” g ions/I ge COC = FH 
got Pee s in which a limited number > hydrogen 
human blood PG ions is found. Sodium ace is a salt 
obtained by neutralizing ac acid with 
2 the strong base, NaOH. In- vater solu- 
10 4 tion, sodium acetate diss ates com- 
ime milk eae pletely into its component 
71 stronger base CH,-COO- + N (8) 
12 In the buffer solution, apart om the H+ 
13 [OH] > [H'] and OH- ions, there are al- the types 
caustic soda at 5% CH,—-COOH and CH; J00-. 

It is very important to note that, since than knowing, for example, its chemical ee ee ioe fet hye 
the pH scale is logarithmic, the concen- composition, particularly in relation to by the acid o iamodiately tnifered by 
tration of hydrogen ions is multiplied (or the speed with which precipitates are ife CH,COO- particles, |:-:cling to the 
divided) by ten for each unit change formed (flocculation), the degree of cor- a nie ‘ 
in the value of pH. Thus, if a solution rosiveness, and so on. 
moves from pH 6 to pH 5, the concentra- CH;—COO-+H+~C! )00H.(9) 
tion of hydrogen ions is ten times greater. BUFFER SOLUTIONS But, if a small quantity of | © is added, 
Moving from pH 6 to pH 4 increases the the OH- ions introduce faced by 
concentration one hundred times, and so Buffer solutions stop sharp changes in the reaction: 
on. pH; the pH value of a buffer solution 

Finally, it should be noted that for will vary very little if small quantities of CH;—COOH+0! > 
various practical purposes in analytical even a strong acid or base are added. > CH;—COO- + » (10) 
chemistry, biology and so on, many prop- The higher the tendency of the solution To sum up, adding an or a base 
erties in a solution are characterized al- to keep its pH value, the higher its buf- alters the value of th- «lationship 
most uniquely by the pH value. Knowing fering power. Buffer solutions are fairly CH,;-COO- / CH ,—C(. `I, without 
a solution’s pH is often more important widespread in nature. There is a buf- causing variations in the s» \on’s pH. 
BUFFER SOLUTIONS—Even if small quantities possible. Illustration 4a shows a buffer solu- cator in Illustrations 4b and c shows that 
of a strong base or acid are added, these tion made up of CH;COOH/CHsCOONa (acetic the pH of the solution remains constant de- 


solutions keep the pH value as steady as 
4a 


acid and sodium acetate). The universal indi- 
4b 


spite the addition of HCI and N 


OH. 


THE EXPERIMENTAL 
DET! RMINATION OF pH 


calculating the hydrogen-ion 
concentration in a solution 


To produce a | sour pickle, a food Ja 
processor mus w how much vinegar 
to use in his } g solution. In a simi- 
lar manner, ner must be able to 
determine the inity of his soil so that 
adjustments c made for proper crop 
growth. What hods can be used to 
find answers the processor and 
grower? The y or alkalinity can be 
determined fr e hydrogen-ion con- 
centration in : ition of the substance. 

The negative  yarithm of the hydro- 
gen-ion conce: on of an aqueous, or 
water, solutior efined as its pH value. 
This “quantity sonvenient expression 
of a solution : lic and basic charac- 
teristics: 

p! log [H+]. (1) 

MEASURIN( WITH 
INDICATOR 
Indicators ca used to determine a 
rapid, if not a precise, measurement 
of the pH va an aqueous solution. 
These indicat nerally organic com- 
pounds—char, lor according to the 
PH of the solu n which they are dis- 
solved, 

The range over which an indicator’s 


CALIBRATING THE pH METER AND MEASUR- 
ING AN UNKNOWN pH VALUE—Before mea- 
suring a solution's pH value with a pH meter, 
the instrument must be calibrated (Illustration 
i This is done with a solution that adapts the 
eument's PH scale to the particular elec- 
eee Pair being used. The electrodes are first 
i mersed in a solution of known pH (in this 
; fet PH 4). Then, the temperature shown on 
He thermometer is “set” into the pH meter 
Here dial from the left) and the meter 
m Ae to “measure” (first dial on the right). 
dle; Y, an adjustment is made so that the nee- 
nats to the known pH value. After calibra- 
ip i me way, the meter is switched to 
the “a nd the reading of the pH value gives 
te rity Point of the electrode chain (Illustra- 
pH ). The meter is now set to measure the 
value of the unknown solution. 


color changes, as a function of a solution’s 
pH value, is normally two to three pH 
units. Therefore, a different indicator 
must be used according to the range 
being examined. 

To avoid having to use several indi- 
cators, a standard mixture showing grad- 
ual and continuous color changes over a 
wide pH range has been developed. This 
mixture is commonly known as a uni- 
versal indicator. Illustration 2 shows the 
changes in color of a universal indicator 
with variations in pH value from one to 
ten units. 


1 2 3 4 5 
UNIVERSAL INDICATOR—The use of indica- 
tors permits a quick and convenient method 
of measuring the approximate value of a solu- 
tion's pH. Such indicators are generally or- 
ganic substances that change color according 
to the pH of the solution in which they are 


To determine the pH value of a solu- 
tion of unknown hydrogen-ion concentra- 
tion, a few drops of the appropriate indi- 
cator are added to it. The resultant color, 
when compared to a chart for that indi- 
cator, reveals the approximate pH value 
of the solution. As an alternative a slip 
of paper saturated with the indicator can 
be dipped in the test solution. The color 
of the paper is then compared to the 
chart to obtain the same result. 


DETERMINING pH WITH 
A pH METER 


Potentiometric methods are the most 
widely used in determining the precise 
pH value of a solution. The apparatus 
used is called a pH meter. 

Such equipment, whether simple or 
complex, is based on the principle of 
determining the hydrogen-ion concentra- 
tion in a solution by measuring the dif- 


ference in potential at the poles of an 3 
electrochemical cell. The cell consists of 
two electrodes: a reference electrode and 
a measurement electrode. Illustration 4 is 
a schematic diagram of such a pH meter. 
The glass measurement-electrode has a 
very high electrical resistance, on the 
order of several hundred megohms (one 
megohm is equal to one million ohms). 
Accordingly, the potential difference in 
a cell containing a glass electrode must 
be measured with a special potentiome- 
ter. This electronic voltmeter forms the 
measuring part of the pH meter. 


7 8 9 10 


dissolved. Because individual indicators cover 
only a small pH range, standard, or universal, 
mixtures have been prepared that are effec- 
tive through a range of one to ten pH units. 
The illustration shows how the colors vary as 
a function of pH value. 


PERFORMING A pH 
MEASUREMENT 


Before measuring the pH value of a test 
solution, the potentiometer, reference 
electrode, and glass measurement-elec- 
trode must be calibrated for accuracy. 

To calibrate the equipment, a number 
of solutions are used for reference; such 
solutions with known pH values are avail- 
able commercially. Using the reference 
values, the instrument’s calibration curve 
is determined. This provides a true pH 
value, corresponding to the reading on 
the instrument. By careful calibration, 
pH values with an accuracy of one-hun- 
dredth of a pH unit can result. 

Apart from the high degree of preci- 
sion they produce, pH meters are quick 
and easy to use. They can measure solu- 
tions having strong oxidizing or reducing 
properties, and they can be used with 
very small quantities of liquid. 


e aTa pH METER—IIlustration 3a shows 
which it = of an industrial pH meter, with 
having S Foenle to use a pair of electrodes 
imagen electrical resistance as high as 500 

ms. The electrode pair is seen in Illus- 


ti 
oe In the lower cylinder is a glass 
ence) elec electrode, a calomel (refer- 
solution Toda, and a resistance thermometer. 
lowed to AY th an unknown pH value is al- 
inlet at th low into the cylinder through the 
e side, and out through the bottom 


Part. A typical ' 
in llustration a ehoratoy pH meter is shown 


electrode 
reference 
electrode 


electronic 
voltmeter 


solution with unknown pH 


Hg and 
Hg, Cl, 


saturated 
solution 


of KCI 
ae 


crystals 
of KCI 


REFERENCE ELECTRODE—This device gives 
a constant potential such that, with the po- 
tential provided by the measurement elec- 
trode, the outside circuit is closed and a 
potentiometric reading obtained. 

A calomel electrode is commonly used in 
pH meters for reference purposes. Besides 
having a constant and reproducible potential, 
this type of electrode is easy to use and 
manufacture. It is made of metallic mercury 
(Hg) in contact with calomel (Hg2Clz, a slightly 
soluble salt), and a solution of potassium 
chloride (KCI). This solution is placed in elec- 
trical contact with the solution whose pH 


pH METER—This schematic diagram shows 
how a pH meter works. The measurement and 


teference electrodes are immersed in the 


solution having an unknown pH value. 


value is to be measured. To prevent the two 
solutions from mixing, a small porous mem- 
brane (a) is used for the contact, as in the 
electrode (Illustration 5a). 

The potential of a calomel electrode varies 
according to the temperature and concen- 
tration of the potassium chloride solution at 
equilibrium. When a saturated solution of po- 
tassium chloride is used, as is normally the 
case, the electrode is called a saturated 
calomel electrode. Illustration 5b shows the 
various glass components of a calomel elec- 


trode. 
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Ag/AgCl 
electrode 


value clearly depends upon the type of glass 
chosen, the reference solution used, and so 
forth. The pH value should be determined for 
each occasion according to the electrode 
used. In practice, the relationship (2) be- 
tween Egiss, and pH Is applicable only for 


MEASUREMENT ELECTRODE—In commercial 
pH meters, a measurement electrode is a glass 
electrode consisting of a fine bulb of special 
glass fused to the end of a small-gauge glass 
tube. The bulb contains a standard solution in 
which an appropriate electrode is immersed. 
For example, a silver thread coated with silver 
chloride can be used as the electrode, and a 
solution of hydrochloric acid as the standard 
solution (Illustration 6a). 

The glass electrode works on the principle 
that the difference in potential between a glass 
surface and a solution in contact with it varies 
regularly as a function of pH. It follows, in 
this case, that a difference in potential will 
exist between the inside and outside surfaces 
of the glass bulb. This difference will change 
with variations in the pH value of the external 
solution, while the reference solution inside 
remains constant. These alterations in po- 
tential difference are translated into variable 
potentials of the electrode immersed in the 
standard solution according to the relation- 
ship: 

Eglass = E° glass + 0.0592 pH. (2) 


In this equation, Egiess represents the po- 
tential of the glass electrode in volts. E°gləss 
is the potential that the glass electrode would 
have if the external pH value were zero. This 


well-defined intervals of hydrogen-lon con- 
centration between two and nine pH units. 
Generally, it is accurate only to a first approxi- 
mation. Illustration 6b shows a series of glass 
electrodes. 


CHAINS OF ELECTRODES — |! 

shows two types of electrode pa 

tion 7a shows a combination glas 

mel electrode. Shown in Illustratic 
pair of electrodes in a pH meter. 

is a calomel reference electrode, < 
right Is a glass measurement-elec 
thermometer between the two elr 
needed to record the exact tem; 
the test solution during each phase 
measurement. 


a 


ation 7 
Illustra- 
and calo- 
7b is a 
the left 
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de. The 
odes is 
ture of 
the pH 


SALT FORMATION 


Anyone asked to define “salt” would 
probably answe Something used to en- 
hance the flavor ©! food.” And this would 
be correct. In istry, however, table 
salt is just one ber of a large family 
of compound n as salts. 

The study © s and their formation 
is both inter: ad vital because man 


and his envi ıt are dependent on 


these substai r survival, Examples 
are penicillir for combating infec- 
tion and salt trogen, phosphorus, 
and potassiu. | in fertilizers to pro- 
mote plant g 
An unders g of how salts are 

formed begin » look at the reaction 
between an : d a base—one of the 
fundamental epts in chemistry. 
When comp: of this type interact, 
the reaction vd neutralization and 
two new cor ls are formed. These 
are water, in tively large quantity, 
and a salt. S tically, neutralization 
occurs betwe H+ ions of the acid 
and the OH of the base: 

H i- > H,0, 
while salt for | takes place between 
the base's p ions (cations) and 
the acid’s ne; ons (anions): 

I > BA. 

For example eaction between hy- 
drochloric ac 1 sodium hydroxide 
can be repre: in four steps: 

H H+ + Cl- 

NaO Na+ + OH- 

H+ H- > H0 

Na l- — NaCl 
(the NaCl is recovered as a solid after 


evaporation of the water). 

If this operation were actually per- 
formed, a reasonable comment would be: 
Hydrochloric acid (HCl) and sodium 
hydroxide (NaOH) have been mixed, 
causing a neutralization reaction and re- 
sulting in salt formation. Why can’t any- 
thing be seen? Where’s the salt?” 

This is a justified observation. To all 
appearances there has been no change as 
: result of mixing the two solutions; 
yn, the sodium chloride (NaCl) 
ormed in the reaction is a salt that dis- 
Sociates completely in solution. The so- 

um ions and the chloride ions will 


move around, independently, surrounded 
by water molecules. By applying enough 
external energy to overcome the forces 
keeping the water in the liquid state, 
causing the solution to evaporate, the 
forces of attraction between the Na+ 
and Cl- ions will draw these ions closer 
together as the water molecules evapor- 
ate. At this point, the sodium and chlo- 
ride ions will rearrange themselves ac- 
cording to precise laws and form a 
crystalline solid. Now, salt crystals will 
“come out of solution” and be deposited 
in the container. 

Thus, a salt can be defined as a com- 
pound derived from the neutralization 
of an acid with a base. This also explains 
why salts are so common in nature, while 
acids and bases are rarely found in the 
free state. Some extremely weak acids 
with low levels of reactivity can be found, 
and boric acid in volcanic steam or hy- 
drogen sulfide in underground natural 
gases are examples. 


HOW TO PREPARE SALTS 


The fundamental reaction in salt forma- 
tion is neutralization—the result of mix- 
ing an acid with a base. There are, how- 
ever, other methods for obtaining salts. 
One of these is the action of an anhy- 
dride, such as carbon dioxide, on a basic 
oxide, such as calcium oxide: 


CO: + CaO > CaCO;. 


The action of an acid on a metal also 
produces a salt, but only if the metal pre- 
cedes hydrogen in the electrochemical 
series of elements (for only then can it 
displace the acid’s hydrogen). Thus, by 
reacting zinc with sulfuric acid the prod- 
ucts are zinc sulfate and hydrogen: 


Zn + HS0; > ZnSO, + He. 


A similar reaction using copper in place 
of zinc would not occur because copper 
follows hydrogen in the electrochemical 
series and is unable to displace it. In 
general terms, this means that elements 
preceding hydrogen in the series have 
more energy than hydrogen, and those 
following hydrogen have less energy. 
Zinc is, therefore, able to reduce hydro- 
gen and is itself oxidized. 


neutralizing an acid with a base 


CARBONATE TESTS—This reaction, used as 
an analytic test for the presence of carbon- 
ates, is a typical example of salt formation. 
In Illustration 1a, carbon dioxide is a product 
of the reaction between sulfuric acid and a 
carbonate (in the lefthand test tube). The 
liberated gas bubbles into the tube at the right, 
containing a solution of barium hydroxide, 
forming barium carbonate: 

Ba(OH). + CO2 —> BaCO, + H30. 
Barium carbonate is insoluble in water, and 
collects slowly at the bottom of the test tube 
(Illustration 1b). 
pS 
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enews wri} 
PRECIPITATION AND FORMATION OF SALTS; 
CALCITE CRYSTAL—Illustration 2a shows a 
simple exchange reaction. Here, H2S bubbles 
into a test tube containing a salt of As, with 
the characteristic formation of yellow As,S; 


as a precipitate. In Illustration 2b, sodium 
chloride is formed according to the reaction 
NaOH + HCI — NaCl + H20. The white fumes 
escaping from the beakers in Illustration 2c 
demonstrate that ammonium chloride is being 


g 


formed in the reaction: NH, + HCI —> NH.Cl. 
Illustration 2d shows a crystal of calcite 
(CaCO) from the island of Elba in the Medi- 
terranean. 


SALTS—These illustrations show several ex- 
les of salts, some of which are found 
on 3a is of dolomite (CaCO, 


amp 
naturally. Illustrati 
- MgCO;), found in 
northern Italy. The 


the Dolomite Mountains of 
intense blue of the crystal 


in Illustration 3b identifies it as copper sulfate 

(CuSO,). A transparent, white crystal of gyp- 
sum (CaSO, - 2H20) is shown in Illustration 
3c, while in Illustration 3d are seen crystals of 


celestite (SrSO,). 
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The large, characteristically translucent crys- 
tal in Illustration 3e is alum (K150; - Ala(SO«)s + 
24H,0). Finally, Illustration 3f shows a salt 
being formed, in this case silver chloride. This 
compound is formed as the result of a double 
exchange reaction. Silver chloride is insoluble 
in water, and its characteristic white flakes 
cloud the solution. 


Copper, however, must first be oxi- 
dized before it can be used to form a 
salt. The reaction of copper and sulfuric 
acid can be expressed, 


Cu + H.SO,— CuO + SO: + 20, 


where the zero valent copper (Cu) has 
oxidized to Cu++. At this stage, salt for- 
mation can occur: 


CuO + HS0; > CuSO, + H20. 


This shows how the copper has not car- 
ried out any reduction of the hydrogen, 
but has oxidized at the expense of the 
sulfur in the sulfuric group. In this case, 
the acid reacts with the metal’s oxide to 
form a salt, rather than directly on the 
metal. 

Another method of salt preparation in- 
volves the reaction of an acid or a base 
with one salt to produce a different salt. 
For example, sulfuric acid and sodium 
nitrate react to form sodium sulfate and 
nitric acid: 

H2SO, + 2NaNO; > NaSO; + 2HNOs. 


This is called a simple exchange reaction 
because the NO,;— and SO,-~ groups 
simply change places. In fact, the sulfuric 
acid displaces the nitric group of the 
sodium nitrate because of a tendency to 
form nitric acid, which is less soluble and 
escapes as a gas. (In other cases, the low 
solubility of a compound may cause it to 
precipitate out of solution as a solid.) 

Finally, salt may be formed by the 
double exchange method. This involves 
an exchange between two salts with dif- 
ferent acid and base groups. Thus, so- 
dium chloride and silver nitrate react in 
solution: 


NaCl + AgNO; > NaNO; + AgCI. 


In this case, the silver chloride is much 
less soluble than the sodium nitrate, and 
the salt separates from the solution by 
precipitation. This is generally the case 
in reactions of this type. 


NEUTRAL, ACID, AND 
BASIC SALTS 


A frequent complaint is “acid stomach,” 
and a common household remedy is bi- 
carbonate of soda. What sort of salt is 
this, and how does it compare to sodium 
carbonate? Are these two compounds 
one and the same? The answer is no; 
they are quite different from one another 


and each possesses its own set of chemi- 
cal properties. Similarly, potassium bi- 
sulfate as used in agriculture is distinct 


from its “cousin,” potassium =:/fate, 
Sulfuric acid, upon diss: ciation in 
water, produces H+ and HSC. ~; 
HSO, > H+ + HS( 
and the dissociation is comple. For this 
reason, if a solution containir' >ne mole 
of HSO; is mixed with a onc ole solu- 
tion of KOH (potassium hyd: de), the 
H ions neutralize the OH ior On sub- 
sequent evaporation of the so ion, one 
mole of the salt, KHSO, (pot sium bi- 
sulfate), remains. If, on the o` >r hand, 
a two-mole solution of KOH w © added 
to the acid, more protons wov | be re- 
quired for neutralization, and « {ew dis- 


sociation would occur: 

HSO,- > H+ + SO,- 
In this case, twice the amoun! of OH 
ions would be neutralized. On : vapora- 
tion, a different salt, KSO, (pc assium 
sulfate), is the product. 

However, it must be noted that luring 
dissociation an acid does not give up 
more than one proton at a time, Ac cord- 
ingly, there are polyvalent acids, such as 
H.SO,, that can give up several hydro- 


gen ions depending on the environ: nent. © 


Only when salt formation is con plete, 
with all hydrogen and hydroxyl roups 
neutralized, is a neutral salt the ) ʻoduct 
of the reaction. 

In a situation where hydrogen groups 
remain available for further ne traliza- 


tion, the reaction products are è d salts. 
Bisulfate and bicarbonate salt- are, in 
fact, also called acid sulfates ad acid 
carbonates. The term “acid” ind vates the 
presence of an additional hyd!ogen ion 
that is available for further rection. In 
a like manner, basic salts are those 


compounds having remaining hydroxyl 
groups that are able to react further. 
Bismuth hydrate, Bi(OH) 3, when treated 
with nitric acid, can yield two basic salts 
and a neutral salt: 


Bi(OH )2NOs; Bi(OH) ( NOs)»: 
Bi(NOs)s. 

Thus, the products of salt formation 
are everywhere, and salts comprise # 
large and very important class of chemi- 
cal compounds. Whether simple or com- 
plex, all salts are essentially products of 
the reaction between acids and bases. 


INDICATORS 


Two primary methods are used for de- 
termining when aà chemical titration— 
whether it is neutralization, precipitation, 
or reduction—has »eached its equivalence 


point. One of tł methods involves the 
use of high-pr n instruments. The 
other method s use of indicators. 
When precisio ot so important, the 
second metho the most convenient 
and the least ive. 

Indicators a tical substances that 
visually indic: end of a chemical 
process. They nis by a change of 
color, by a ch ı fluorescence, or by 
the formation wecipitate, They can 
be divided cx ntly into the follow- 


acid-base indicators, 
indicators, and indi- 
tion reactions, 


ing three cate 
oxidation-redu 
cators for pre 


la pH 


—— ee 


strongly acid 


violet crystals 


tropaeolin 00 


benzyl-aniline 
azobenzene 


methyl orange 


methyl red 


———— 
Paranitrophenc 
| 
tosolic acid 
S 
orange | 
KŘ 
pas 


Phenolphthalein 
thymolphthalein 


tropaelin 0 


Universal 
indicator 


: 1b 
universal 
indicator 
paper 


N INDICATOR FOR EVERY pH— Careful 
cover of indicators Permits the operator to 
r the pH range from 0 to 12. Illustration 


tive color variations. 


deciding when a 
reaction ends 


ACID-BASE INDICATORS 


Acid-base indicators are used in all neu- 
tralization reactions. Such indicators are 
generally organic substances in which a 
change of hydrogen-ion concentration or 
of pH causes alterations in their molec- 
ular structure (such as protonation or the 
breakdown of double bonds), resulting 
in a change of color in the substance it- 
self, 

As a general rule, acid-base indicators 
are weak acids (or weak bases) that dis- 
sociate when immersed in water, accord- 
ing to the equilibrium: 


HIn + H:0 È H;O+ +In-. 


HIn is the acid form of the indicator, 
while In- is the basic form. The constant 


1a shows the color-change range for some 
a the more common indicators and their rela- 


Illustration 1b, at the 


for this equilibrium is: 
g- OH [in], 
Hin 


which gives the equation 


[HIn] _ [H,O*] , 
mj E (2) 
The addition of acid increases the con- 
centration of hydrogen ions and shifts the 
equilibrium toward the nondissociated 
form, which is said to be acid. The addi- 
tion of a base has the opposite effect, 
causing an increase in the dissociated 
form, which is said to be basic. If HIn 
and In~ are of different colors, it follows 
that the color of the indicator is directly 
dependent on the pH of its environment. 
When the value of the hydrogen-ion 


strongly basic 


bottom, shows the colors assumed by a sensi- 
tive universal indicator (available commer- 
cially) at different pH values. 


concentration is equal to the numerical 
value of K, then [In~]=[HIn]. The 
color is halfway between the color for 
the acid form and the color for the basic 
form. The numerical value of the corre- 
sponding pH is the color-change point of 
the indicator and is indicated by the let- 
ters pK. In practice, an indicator does not 
change color at an exact pH, but passes 
gradually from one color to another over 
a certain range of pH. 

The presence of the acid form cannot 
be detected in a solution containing 90 
percent basic form. By increasing the per- 
centage of acid form, a gradual variation 
of color develops and this may be re- 
garded as virtually concluded when the 
acid reaches 90 percent. 

If the acid form accounts for 90 percent 
and the basic form for the remaining 10 
percent, the result is 


[HIn] _ 
[elias 10. 
For equation (1), 
[H,0+] _ 
coe 10, 


which gives the pH value 
pH =pK—1; 


while if 90 percent is basic and 10 percent 
is acid, the result is 


(Hin) _ 1 
[In-] ~ 10’ 


that is, 
[mot _ 1, 
K 10 
hence, 
pH=pK+1. 


The variation of color from one form to 
the other thus takes place over a range of 
two pH units. This is known as the color- 
change range. In special cases it may,help 
to use indicators whose color-change 
range is quite limited. It is even possi- 
ble to choose mixtures of indicators with 
no range at all (with a precise color- 
change point). Substances can also be 
mixed to produce universal indicators 
characterized by continuous color varia- 
tion for the whole pH range, from 1 to 
13. Strips of paper, impregnated with 
these mixtures, are used commercially. 
The pH of any solution can be calculated 
with a fair degree of accuracy by moist- 
ening the paper with the solution and ob- 
serving the resultant color. 

It should be remembered that correct 
use of indicators necessitates keeping 
other experimental conditions—such as to- 
tal volume of the solution, solvent, and 
quantity of indicator—as constant as pos- 
sible. Only in this way will experimen- 
tally reproducible results be achieved. 
The solvent, in particular, may have an 
immediate effect on the dissociation of 
the indicator. A wide variety of these sub- 


TITRATION CURVES—The graphs nown in 
this illustration can be used to selec: ^e most 
suitable indicator for a given ne. alization 
reaction. Illustration 2a shows the ` ation of 
a strong acid with a strong base. 7! deduc- 
tion is that any indicator with a co change 
range between pH 4 and 10 may used. 
Illustration 2b shows two example “urve | 
represents the titration of a weak id with 
a strong base (in which the mo: suitable 
indicator is phenolphthalein). Curv: repre- 
sents the titration of a strong ac with a 
weak base. In this case, because tH. phenol- 
phthalein would change color on in ih 

st indi- 


presence of an excess of base, the 
cator is methyl red or methyl orange 


stances, covering a pH range fro: 2 to 
12, is available commercially. 

Indicators are generally prepare in a 
1-percent water solution, with the à noice 
of indicator made on the basis of the acid- 
base neutralization curve. 

The hydrogen-ion concentration ir: the 
titration of strong acids with strong vases 
nearing the point of neutrality varies 
greatly, so that any indicator with : color- 
change range between pH 4 and 10 can 
be used (the most common ind ator is 
methyl orange). In the titration © aà weak 
acid (such as acetic acid) with strong 
base in water, the solution at n: traliza- 
tion point (when the acid-bas propor- 
tion is equal) will be basic becs: e of the 
hydrolysis of the salt formed : the so- 
lution. The indicator required iv- this case 
is phenolphthalein, whose co’ t-change 
range extends from pH 9 to 10. The — 
point of equivalence for acetic acid (0.1 — 
M-—molar concentration) shows a pH 
variation of from 7 to 10. 

In the case of a weak base (such as 
ammonia), or a strong acid, exactly the 
opposite happens. At neutralization point, 
the solution is acid and the indicator rê- 
quired is methyl red, an indicator whose 
color-change range goes from pH 3 to 6. 


OXIDATION-REDUCTION 


INDICATORS | 
| 


Oxidation-reduction indicators are sub 


stances whose color in the oxidated state 
is different from that in the reduced state. 
The equilibrium in this case is 


I ne = Trea, 


and the ox potential of the in- 
dicator is 
59) [Lox] 
e= log a] > 

where n is mber of electrons in- 
volved in th ion-reduction process, 
Iox is the ox form of the indicator, 
and Irea the d form, An indicator 
introduced oxidation-reduction 
system sets ollowing equilibrium: 
Sox + Trea = x 

In practi indicator takes on the 


mo COMMON INDICATORS—OF all acid- 
4 ndicators, the ones most used in labora- 
aR SU are methyl orange and phenol- 
fin alein. Illustration 3a shows methyl orange 

the graduated cylinder). It turns red in an 


same potential as the system, because of 
its small concentration. This is indicated 
by the color it assumes. The color-change 
point is reached when the concentration 
of the oxidized form equals that of the 
reduced form, although here, also, it is a 
question of the color-change range rather 
than a precise value. The usual range is 
around 0,1 volts. If the results are to be 
accurate, the oxidation-reduction reaction 
of the indicator must be reversible; other- 
wise, there is the risk of the color chang- 
ing before the end point of the titration 
is reached. This could be caused by a 
local excess of one of the reagents. 
Ferrous iron, for example, can be ti- 
trated with cerium (IV) using o-phenan- 
throline as the indicator. This substance 
forms a red complex with bivalent iron 


acid solution (left) and yellow in a basic solu- 
tion (right). Its color-change range extends 
from pH 3 to 4, which makes it suitable for 
use in titrating strong acids with strong bases. 

Illustration 3b shows phenolphthalein. This 


and a pale blue complex with trivalent 
iron. The end point of the titration is thus 
easy to determine. 

Some oxidation-reduction reactions do 
not require an indicator. This happens 
when one of the reagents itself changes 
color according to whether it is reduced 
or oxidized. Such is the case of KMnO, 
and Iz. The end point of titration in the 
case of iodine can be brought out even 
more clearly by adding starch, which 
gives a deep blue color with iodine. 


INDICATORS FOR 
PRECIPITATION REACTIONS 


Other kinds of indicators work on prin- 
ciples different from those thus far con- 
sidered, Such indicators are chiefly used 


is colorless in an acid solution and reddish 
violet in a basic solution. Its color-change 
range extends from pH 8 to 10, and it is used 
in weak acid-strong base titrations. 
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OXIDATION-REDUCTION TITRATION—No in- 
dicator is required in the case of the titration 
of oxalic acid with permanganate (2MnO,- + 
5(COO>), + 16H* > 10CO, + 2Mn?* + 
8H20). This is because the permanganate ion 
is a deep violet color, while the manganous 


to determine the end point of precipita- 
tion reactions. The most common of these 
are the adsorption indicators (which pro- 
duce soluble colored complexes) and in- 
dicators producing colored precipitates. 

Adsorption indicators are substances 
that are adsorbed on the surface of the 
precipitate, coloring it deeply. A common 
example is the titration of chlorides with 
AgNO; in the presence of fluorescein. In 
the presence of a small excess of AgNO, 
at the end of the precipitation, the precip- 
itate adsorbs the Ag~ ions, which give 
a pink complex with the fluorescein an- 
ions, coloring the precipitate. 

Other indicators react with an excess 


ion is a pale pink—so pale as to appear color- 
less in solution. Illustration 4a shows the sul- 
furic acid solution of oxalic acid. It is quite 
colorless. As titration begins (Illustration 4b), 
the first drops of permanganate solution lose 
their color and the solution remains colorless. 


of titrant to produce soluble colored com- 
plexes. For example, titration of the silver 
ion with thiocyanate is done in the pres- 
ence of ferric alum. The silver ion reacts 
with the thiocyanate ion to produce a 
white precipitate of silver thiocyanate. 
One drop too much causes a reaction with 
the ferric ions, producing a deep red 
soluble complex. 

Finally, there are the indicators that 
produce colored precipitates. Titration of 
a chloride with AgNO; can also be done 
in the presence of traces of potassium 
chromate. When the precipitation of the 
silver chloride is complete, the excess of 
silver nitrate reacts with the potassium 


During the latter stages (Illustrati 4c), the 
permanganate loses its color wit! creasing 
difficulty, until the first drop in exce- turns the 
solution pink—marking the equive nce point 
of the oxidation-reduction process 
m 


chromate to form a deep red silver chro- 
mate. 

In all the cases cited, the indicator must 
be chosen in such a way that it does not 
interfere with the main reaction. The 
equilibriums of the reactions—and the 
solubility of the various salts—must be 
considered to enable the choice to fall 
on an indicator that reacts only when the 
end point of the titration is reached. In 
the last processes described above, for 
example, the silver chromate is mu 
more soluble than the silver chloride; the 
silver chloride precipitates quantitatively 
before the precipitation of the chromate 
can begin. 


l 
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ELECTROCH AL CELLS 

All solid or | substances can be 
conveniently } into one of two cate- 
gories, depend whether or not they 
are good cond of electric current: 
conductors, o: onductors, Conduc- 
tors can be fi classified into elec- 


tronic conduct electrolytic conduc- 
tors, accordin; the way in which 
conduction tal ce, 

Electronic c tors, which include 
metals, are those in which conduction 
takes place as ult of a flow of elec- 
trons (the electric current). Because the 
mass of the electrons is completely negli- 


ION FORMATION—Positive ions (cations) are 
those that have lost one or more electrons. 
Negative ions (anions) are those that have ac- 
quired one or more electrons in relation to 
the valences of their relative metals. 


1 Positive ions (cations) 


Ag— Ag* + 1e 
Zn > Zn?* + 2e- 
Pb > Pb? + 2e- 
Al > Al” + 3e- 


negative ions (anions) 
Cl + 1e -> CI- 
Br + 1e-> Br 
1+ tes 
S + 2e-+ Ss? 


gible, the passage of the electric current 
is not accompanied by the appreciable 
transference of matter. In electrolytic 
conductors (a solution of sodium chloride 
in water, for example), conduction takes 
place because electrolytes in solution dis- 
sociate into ions (atoms or groups of 
atoms that are electrically charged). The 
term ion comes from the Greek and means 
“going”; positive ions are called cations, 
and negative ions are called anions. These 
particles, being electrically charged and 
present in a fluid medium, can move in 
the presence of an electric field, causing 
2 


passage of electric 
current in solutions 


a transference of charge accompanied 
simultaneously by a transference of mat- 
ter. Processes such as these are made to 
occur in so-called electrochemical cells. 

An electrochemical cell consists of a 
container in which the relative electrolyte 
solution and two suitable metal conduc- 
tors called electrodes are held. The elec- 
trode connected to the negative pole of 
the source of electromotive force (for ex- 
ample, a cell or a storage battery) is 
called the cathode because the cations, 
or positively charged ions, move toward 
it; the electrode connected with the posi- 


ELECTROLYTIC CELL—The electrolytic cell 
shown in the illustration consists of a silver 
crucible acting as the cathode; the anode, also 
silver, is suspended in a solution of silver ni- 
trate, AgNO;. When the two electrodes are 


connected to the poles of a battery and elec- 
tric current is passed through, the silver ions 
of the anode pass into solution, are deposited 
on the walls of the crucible, and revert to 
metallic silver. 


SILVER ANODE AND CATHODE—The most 
important parts of an electrolytic cell are the 
anode and the cathode. The anode (llustra- 
tion 3a) consists of a piece of metallic silver 
connected to the positive pole of the cell. As 
current is passed through, the silver is grad- 
ually used up, passing into solution. The 
cathode (Illustration 3b) is connected to the 
negative pole of the cell. The tiny beadlike 
substance clinging to the walls of the crucible 
is metallic silver that has passed out of solu- 
tion and has been deposited on the cathode. 

3b 


ANOTHER ELECTROLYTIC CELL—This cell 
(Illustration 4a) consists of two silver elec- 
trodes (two plates, for example) connected to 
a source of electromotive force and immersed 
in a water solution of silver nitrate. This salt 
is dissociated in water solution into Ag’ and 
NO- ions. When electric current is passed 
through the cell, several things happen: (1) 
The positive ions (Ag*) in the solution are 
attracted toward the cathode, and the nega- 
tive ions (NO;-) toward the anode. (2) When 
the Ag* ions reach the cathode, they find it 
tich in electrons because it is connected to 
the negative pole of the source of electro- 
motive force, and thus cause the reaction 
Agt + e> Ag 

where e-~ is the electron. The result of this is 
a deposit of metallic silver on the electrode. 
If the electrode is a plate, it will now be 
noticeably thicker (Illustration 4b). (3) While 
this is happening, the NO; ions reach the 
anode and find it deficient in electrons be- 
cause it is connected to the positive pole of 
the source of electromotive force, and thus 


cause the reaction 
NOs > NO; + ©, 
followed by another 
Ag > Agr +e, 
the overall result being 
NO; + Ag > NOs + Ag’. 
In other words, an atom of neutral sil- ər from 
the electrode passes into solution in t e form 
of a positive ion, at the same time sui ender- 
ing an electron to the electrode. The result is 
that the plate of silver that constitutes the 


anode is progressively thinned down (Illus- 
tration 3b). The result of this entire « ectro- 


chemical process is that the passage | elec- 
tric current through the cell has c° sed a 
transference of metallic silver from th anode 
to the cathode, and at the same tim a pas- 
sage of electrons from the cathod to the 
anode in the external electrical cis it. The 
concentration of the solution does ot vary 
because one atom of silver passes 0 solu- 
tion for every atom of silver that is- posited. 
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THE FIRST LAW 
of electricity tha 
is proportional t 


ARADAY—The quantity 
sses through a solution 
quantity of substance 


decomposed. One coulomb of electricity de- 
posits 1.118 mg of silver on the cathode (ll- 
lustration 5a); two coulombs double that quan- 


tity (Illustration 5b); three coulombs triple it 
(Illustration 5c). 


THE SECOND LA 
quantity of electr 
tities of metal, 

weight of the m 


JF FARADAY—The same 
deposits different quan- 
nding on the equivalent 
Illustration 6a shows a 


solution containing salts of Cu?*; Illustration 
6b a solution of salts of Mg?*; and Illustration 
6c a solution of salts of Zn?*. The quantity of 
each metal deposited is represented by the 


6b 


number of spheres shown, varying from ele- 
ment to element in proportion to the equivalent 
weight of each metal. 


tive Pole is called the anode because the 
anions, or negatively charged ions, move 
toward it. 


FARADAY'S LAWS 


When an electric current is passed 
through an electrolyte solution, matter is 
transferred and can be deposited on the 
electrodes. 
aa ee physicist and chemist 
in a Faraday carried out a series of 
thon aE experiments on conduction 
R electrolytes, leading to the for- 
1835 ion of his two famous laws in 1833- 
. These laws describe the relation 
tween the quantity of current passed 


through an electrochemical cell and the 
quantity of matter deposited or dissolved 
on the electrodes. 

Faraday’s first law states that the quan- 
tity of substance decomposed by the elec- 
tric current is proportional to the quantity 
of current passed through the solution. 
In practice, this means that an increase 
in current increases the amount of metal 
deposited on the cathode, and the propor- 
tion between the two is direct (see Illus- 
tration 5). The unit of quantity of elec- 
tricity used is generally the coulomb, 
which is the quantity of electricity re- 
quired to deposit 1.11800 mg of silver on 
the cathode of an electrochemical cell 
(the time factor is immaterial). 


Faraday’s second law states that an 
equal quantity of electricity decomposes 
quantities of different substances that are 
proportional to their respective equivalent 
weights. Application of this law requires 
an understanding of the meaning of 
equivalent weight. 

The equivalent weight of a metal is 
obtained by dividing its atomic weight 
(the weight of 6.023 x 10°* atoms—one 
mole—of that metal, expressed in grams) 
by its valence (the number of charges 
contained in the ion of the metal). Silver, 
for example, has an atomic weight of 
107.88 and a valence of 1, and thus has 
an equivalent weight of 107.88 g. Zinc 
has an atomic weight of 65.38 and a va- 
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COPPER SULFATE VOLTAMETER—The tank 
shown contains a blue solution of copper sul- 
fate (CuSO,) and three electrodes of metallic 
copper, two of which act as cathodes and one 
(center) as an anode. These electrodes are 
connected to the corresponding poles of a 


battery. The ammeter shows current variations, 
lence of 2, and thus has an e4uivalent 
weight of 32.69 g. 

In practice, Faraday’s second means 
that an equal quantity of cent de- 
posits different weights of mei. on the 
electrodes of a cell if different ++ tals are 
used. The weight of metal dej: «ited by 
a given current depends on th- equiva- 
lent weight of the metal. 

The law also makes it possil- to cal- 
culate the quantity of current © »quired 
to deposit an equivalent weight o a given 
substance on the electrode. Givo that 1 
coulomb deposits 1.11800 mg silver, 
the equivalent weight of silver ( 7.88 g) 
will be deposited by 

Teg Z96493 coulo: 


This quantity of charge, normally . vunded 
off to 96,500, is known as a far:day in 
honor of the English scientist fichael 
Faraday. A faraday is, therefore, the 
quantity of charge required to «eposit 
(or generate) on the electrodes of a cell 
the quantity of substance corresponding 
to its equivalent weight. 


INDUSTRIAL APPLICATIONS 
OF ELECTRODEPOSITION 


Several practical possibilities resu + from 
studying electrolytic conducti\ and 
techniques for depositing metals | elec- 
trochemistry or electrodepositiin are 
quite common. Electrodepos' is the 
basic process involved in electroplating 
and galvanoplasty. Electroplating in- 
volves covering an object made of some 


base metal with a layer of noble metal, 
either for aesthetic reasons or for protec- 
tion. Examples of this are chromium- 


plating, silver-plating, and gold-plating. 
Galvanoplasty, on the other hand, in- 
volves making a cast or mold of an object 
in a material such as plastic and then re- 
producing the object in metal. The mold 
is made conductive by including a layer 
of graphite, for example; the graphite is 
inserted into an electrolytic cell as the 
cathode and is plated with the metal. 

{eee 


THE USE OF ELECTRODES—THis illustration 
shows the same tank pictured in Illustration 7. 
One copper electrode has been taken out of 
the tank to show the sharp dividing line be- 
tween the part that was immersed, and On 
which more metallic copper has been de- 
posited, and the part that remained above the 
level of the solution. 


ELECTROCHEMICAL 


(ELLS 


Previous article ted electrochemical 
cells and the lav Faraday, which gov- 
em the pass f electric current 
through solutio’ ı elementary analy- 
sis of the che fects produced by 
the passage 0! ic current through 
an electrochen ll has also been pre- 
sented. Whet! practical or aca- 
demic purpos methods used to 
generate elec rent in devices 
called electro il cells are worth 
studying, Befo ailed description of 
the more impt lectrochemical cells 
is presented, | , it is necessary to 
describe the | haracteristics of all 


such cells. 

BASIC CHAR RISTICS OF 

AN ELECTR¢ MICAL CELL 

An electroche: ll is any device that 


transforms cli energy into elec- 


simple devices for 
generating electric current 


trical energy 
cells; primary 
the chemical « 


are two types of 
vhich last only until 
has been exhausted 


THE DANIELL CELL—This cell consists of an 
aqueous solution of zinc sulfate containing a 
zinc electrode, and an aqueous solution of 
copper(I!) sulfate containing a copper elec- 


porous porcelain membrane. The zinc elec- 
trode (the cathode) is negatively charged and 
thus rich in electrons. The copper electrode 
(the anode) is positively charged and is de- 
ficient in electrons. 


(examples are for flashlights, tran- 
sistor radios, < ;, and so forth); and 
secondary, or ve cells, which can 
be recharged plying an external 
source of curr storage cell, as the 
name implies signed to store en- 
ergy until it i ed. The automobile 
battery is a sti ell. Storage cells are 
described in t} xt article. This article 
will discuss pri cells. 

‘ A cell requir container and is some- 
times divided into two parts by a special 
Porous membrane. Cells contain a solu- 
tion, or two different solutions, in which 
electrodes are suspended. The porous 
membrane keeps the two solutions sepa- 
Tate and at the same time maintains elec- 
trical contact. 


DANIELL CELL 


The Daniell cell provides a clear picture 
of how electrochemical cells work. This 
type of cell consists of two solutions: an 
aqueous solution of zinc sulfate contain- 
ha a zinc electrode, and an aqueous so- 
i ion of copper(II) sulfate containing a 
: pper electrode. The two solutions are 
parated by a porous porcelain mem- 


trode. The two solutions are separated by a 


plated out as the metal on the copper 
electrode. The overall reaction is: 


Zn (electrode) + Cu?+ (solution) 
>Zn?+ (solution) + Cu (electrode). (1) 


brane (Illustration 1). The cell works as 
follows: copper metal is deposited on the 
copper electrode while an equivalent 
amount of zinc passes into solution. To 
be more precise, metallic zinc goes into 


solution as zinc ions and copper ions are This reaction is the sum of the two reac- 


CHARGES—Zinc (Illustration 2a) passes into negative. Copper metal, on the other hand, 
solution as Zn?* ions, leaving an excess of plates out on the other electrode (Illustration 
electrons on the electrode, which becomes 2b), which becomes positive. 


2a 2b 
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tions taking place at the individual elec- 
trodes. The reaction at the zinc electrode 
is (Illustration 2a): 


Zn—> Zn?++2e-. (2a) 


As zinc atoms leave the electrode and go 
into solution as Zn?+ ions, electrons (e~) 
are left behind on the electrode. The re- 
action at the copper electrode, on the 
other hand, is (Illustration 2b): 


Cu?++2e-——> Cu’. (2b) 


This reaction, however, results in an ex- 
cess of positive charge at the copper elec- 
trode. The sum of reactions (2a) and 
(2b) gives the overall reaction (1). 

These reactions can only take place if 
electrons are transferred from the zinc 
electrode to the copper electrode. This 
is what happens when the electrodes are 
connected by means of an external con- 
ductor such as a piece of wire. Reaction 
(1) occurs at the same time that a flow 
of electrons passes through the conductor 
from the zinc electrode to the copper 
electrode, This external flow of electrons 
is the electric current generated by the 
cell, 

A cell of this type is rather short-lived. 
For the cell to work, reaction (1) must 
take place, but this means using up the 
metallic zinc electrode and the copper 
ions of the copper(II) sulfate solution. 
As soon as either the metallic zinc or the 
Cu*+ ions are used up, reaction (1) 
stops and the flow of electrons in the ex- 
ternal circuit stops. 

Finally, the electrode rich in electrons 
(the zinc electrode) takes on a negative 
charge, while the electrode deficient in 
electrons (the copper electrode ) takes on 
a positive charge. 

The conventional method of describ- 
ing electrochemical cells is to write out 
the sequence of chemical events that take 
place, starting at the negative electrode. 
In this manner, the Daniell cell, which 
consists essentially of a zinc electrode, 
an aqueous solution of ZnSO,, a porous 
membrane, an aqueous solution of 
CuSO,, and a copper electrode, is de- 
scribed as: 


Zn/ZnSOx (sol.) || CuSO, (sol. )/Cu. 


The double bar indicates a separation 
in the cell. The electromotive force 
(emf) generated by the cell described 
above at approximately 25° C (77°F) is 
shown by the equation 


is Cr+ (25°C 
E = E°—0.0296 log) (3) 


WARNING LIGHT—When the electrodes of a 
cell are connected by a conductor, electrons 
flow from the cathode to the anode. This flow 


where E° is a constant (the standard po- 
tential) of the cell. E° is the electromo. 
tive force supplied by a Daniell cell of 
the type described above when the con. 
centrations of zinc ions ((z,2+) and 
copper ions (Coy**) are both equal to 1, 
Assuming Cz.°+ =Co,*+ =t, and given 
that log 1=0, equation (3) xives 


E = E°—0.0296 log 1 = &°, 


The electromotive force of cell varies 
with temperature. At 25°C 7° F) the 
value of E° for the Daniel! is about 
1.10 V (volts). 

THE PARTS OF A DANIELL CE! — Illustra- 
tion 3a shows an assembled De cell, The 
individual parts are shown in Ill: ration 3b: 
copper anode (left), porous mer ‘ane, zinc 
cathode, glass container with Zn solution, 
The copper anode is immersed in © 150, solu- 


tion inside the porous cup. 
3b 


of electrons is the electric current, which 
Causes the bulb filament to light. 


| 
s early cell, mentioned 
here for historica sons, consists of a verti- 
Cal series of alter ng zinc dishes, pieces of 
felt soaked in sulfuric acid solution, and copper 
dishes. The cell is both short-lived and ineffi- 
cient, largely because hydrogen collects on 
the electrodes d produces electromotive 
forces opposed to those generated by the cell 
itself; as a result, the internal resistance of 
the cell increases. Cells developed since 
Volta’s time have almost always contained de- 
Polarizing substances such as manganese di- 
oxide to prevent the buildup of hydrogen. 


VOLTA'S PILE - 


THE SO-CALLED DRY CELL—This is a mod- 
ern version of the old dry cell. Introduced into 
the United States in 1890, dry cells are still 
used, although the term “dry cell” is mislead- 
ing. The insides of these cells are actually 
quite moist. Commercial versions of the dry 
cell (the photograph shows one taken apart) 
consist of an outer casing of zinc (the nega- 
tive electrode), and a graphite rod surrounded 
by manganese dioxide and granulated carbon. 
The rod is the positive electrode. The cell is 
held together by a tightly stretched fabric. A 
solution of ammonium chloride and zinc chle- 
ride, often gelatinized with special substances, 
occupies the space between the cloth cover- 
ing and the zinc electrode. Finally, the top of 
the cell is covered with pitch to prevent dry- 
ing. The electromotive force produced by this 
type of cell is between 1.5 and 1.6 V. Econom- 
ical to produce, these cells do their job rea- 
sonably well. 
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MERCURY CELL OR RUBEN-MALLORY CELL 
—wWidely used in recent years in a variety of 
commercial applications, the negative elec- 
trode of such a cell (Illustration 7a) is always 
zinc; the other electrode is mercury. The elec- 
trolyte is an aqueous solution of K2CO; (40 
percent) in the presence of solid HgO and 


a 


Zn(OH).. The parts of a mercury cell are 
shown in Illustration 7b. Mercury cells are 
quite efficient for their size. They are used 
chiefly in portable applications where a con- 
stant voltage is required. The voltage gener- 
ated is exactly 1.35 V. 
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NEW KINDS OF CELLS—Years of research on 
electrochemical cells have borne fruit in the 
form of fuel cells in which electricity is pro- 
duced directly by the reaction of a gas or 
liquid fuel supplied to one electrode and oxy- 
gen or air supplied to the other. The chem- 
icals that react are not sealed within the cell 
but are supplied to it, as are fuels supplied 


to internal combustion engines. Fuel cells using 
liquid hydrogen and oxygen produced elec- 
trical power for the Gemini and Apollo space 
vehicles. 

The nuclear reactor illustrated here repre- 
sents another, more efficient way of transfer- 
ring energy from chemical reaction to elec- 
trical power. Heat energy from the fission 


reaction taking place within the reactor core 
is used to convert water to steam. The steam 
drives a turbine, which drives a generator, 
which produces electricity. 

The neutron-absorbing control rods, shown 
here with their positioning mechanism, are 
raised or lowered to maintain the fission 1e- 
action at a desired level. 


STORAGE BATTERIES 
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S — Storage batteries 
electrical energy, and 
can be drawn on as 
j storage battery was 
359. Modified and im- 
till in use today. Illus- 
ead-accumulator battery 
t engines. Illustration 1b, 
shows a stationary lead 
in a container of syn- 
attery will supply a current 
short periods of time. 


type of battery are shown in the follow- 
mg equations. The overall reaction for 
the discharging process is 


Pb + PbO; + 2H.SO, 


—PbSO, + 2H,0. (2) 


In this reaction the electrodes are pro- 
gressively sulfated as the sulfuric acid is 
used up. Therefore, the initial concentra- 
tion of sulfuric acid solution, and also its 


Specific gravity, gradually decrease (Il- 
lustration 1). 


tery and the nickel-iron alkaline battery. 


LEAD-ACID STORAGE 
BATTERIES 


First developed in rather primitive form 
in 1859, modified and improved versions 
of the lead-acid storage battery are still 
in use today. 

During the discharge phase, when 
chemical energy is converted into elec- 
trical energy, the battery consists chiefly 
of a negative electrode made of spongy 
lead and a positive electrode made of 


lb 


canned power 


spongy lead mixed with lead(IV) oxide 
(PbO:). Both electrodes are suspended 
in a dilute sulfuric acid (H2SO,) solution 
having a specific gravity of about 1.25. 
This solution causes the electrodes to be 
partially covered with lead(II) sulfate 
(PbSO,). The description of a lead-acid 
storage battery system is therefore as fol- 
lows (the polarity refers to the discharge 
phase): 


Pb | PbSO, | HSO; | PbSO; | PbO2+. (1) 
(dilute) 


The actual chemical reactions of this 
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STARTER BATTERIES—Iilustration 2a shows 
a large accumulator battery used to start 


The reaction for the charging process, 
in which external electrical energy is con- 
verted into internal chemical energy, is: 


2PbSO, + 2H.O 
— Pb + PbO. + 2H2SO,. (3) 
This is simply the reverse of reaction (2). 
The electrodes return to their former 
composition, and the sulfuric acid is re- 
generated. Charging, therefore, produces 
a gradual increase in the sulfuric acid 
concentration and an increase in solution 
specific gravity to about 1.25. (For the 
reactions at the electrodes see Illustra- 
tion 3.) 
The complete reaction cycle of a lead- 
acid storage battery is as follows: 


discharge 
Pb + PbO, + 2H2SO, 


charge 


2PbSO,+2H20. (4) 


Since the level of charge on a storage 
battery is related to sulfuric acid concen- 
tration, the specific gravity of the H SO, 
solution is a measure of the operational 
condition of a battery. This is why some 
batteries include a small transparent 


2b 


trucks. The positive and negative plates used 
in this type of battery are shown in Illustra- 


chamber containing colored balls. The 
balls rise or fall in the solution in terms 
of its specific gravity, providing an indi- 
cation of the level of charge on the bat- 
tery. 

The potential difference of a lead-acid 
storage battery is thus related to the 
concentration of the sulfuric acid solu- 
tion and to its specific gravity. At 25°C 
(77°F) the potential difference E (ex- 
pressed in volts) is given by the empir- 
ical equation: 


E=1.85 + 0.92 (d-1) (5) 


where d is the specific gravity of the sul- 
furic acid solution. 

When d=1.25, this formula gives 
E=2.08 V (volts), Thus, a charged bat- 
tery at room temperature with its elec- 
trolyte at normal concentration supplies 
a potential difference of 2.1 to 2.2 V. The 
potential difference increases with in- 
crease in temperature at a rate of about 
0.0004 V per degree. 

It is good practice not to discharge a 
battery below the 1.8 V level. At this 
point the PbSO, grains on the electrodes 


tion 2b. Accumulators convert electrical anergy 
into chemical energy. 


begin to swell excessively (this iv called 


sulfation of the battery) and interfere 
with the charging process. It is a’ o good 
practice not to leave a battery dle for 
long periods of time, especially w en it is 
already partially discharged. T'is also 
can lead to sulfation. 

The capacity of a battery is ziven by 
the quantity of energy (in terms of elec- 


tric current supplied for a given time, 
for example) it is capable of storing. Its 
yield, on the other hand, is given by the 
ratio between the quantity of clectricity 
supplied during discharge and the quan- 
tity of electricity absorbed during charge. 
If a battery is working well, its yield 
may be as high as 90 percent. The aver- 
age working life of a lead accumulator 
can be as much as 10 to 14 years. 


NICKEL-IRON ALKALINE 
STORAGE BATTERIES 


The only serious drawback to lead-acid 
storage batteries is their weight. They 
are thus unsuitable in applications where 
weight limits cannot be exceeded. 


DISCHARGE AND CH 


A LEAD STORAGE 
shows the chemi 
battery during disc 
trode is made of 
oxide (PbO2). Both 


3a 


ARGE REACTIONS OF 


TTERY—lllustration 3a 
ior of a lead-acid 
The negative elec- 

y lead and lead(IV) 
des are suspended 


pn the positive electrode: PhO, + 2H.SO,; + 2e- 


ity 


de connected to the positive pole of the battery: PbSO, + 2H.O + sO? 


in a diluted sulfuric acid solution. During dis- 
charge, the electrodes are progressively sul- 
fated as the sulfuric acid is used up. Illustra- 
tion 3b shows the charging process, which is 
the exact reverse of the discharging process. 
The electrodes return to their original com- 


> PbSO, + 2e 


i battery: 
reaction on the electrode connected to the negative pole of the x. 


position and the supply of sulfuric acid is re- 
generated. The overall reaction is: 

discharge 
PbO, + Pb + 2H.SO, ——— 2PbSO, + 2H20. 


charge 


> PhSO, + 2H.0 + SO2- 


> PbO, + 2H,SO, + 2e 


PbSO; + 2e- > Pb + S037 
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ALKALINE ACCUMULATORS—When weight 
is an important factor, lead accumulators are 
often replaced with lighter nickel-cadmium or 
nickel-iron storage batteries. The positive 
electrode of a nickel-iron storage battery 
consists of perforated nickel-steel cylindrical 


4b 


4a 


tubes filled with nickel(IV) oxide and splinters 
of metallic nickel. The negative electrode con- 
sists of iron mixed with iron(II) oxide. The 
two electrodes are suspended in a solution 
of potassium hydroxide containing a small 
amount of lithium hydroxide. This accounts 
for the name “alkaline” accumulator. In nickel- 
cadmium batteries, cadmium replaces the iron 
in the negative electrode. Illustration 4a 
shows a nickel-cadmium storage battery; Il- 
lustration 4b is another nickel-cadmium bat- 
tery whose chief use is to light railroad cars. 
Illustrations 4c and 4d show two nickel-iron 
batteries, the first with flat positive plates and 
the second with tubular plates, 


4d 


The nickel-iron alkaline s 
tery, also known as the Edis 
was especially developed fo 
ness. This battery consists o 
electrode made of a series o 
nickel-steel cylindrical tubes 
nickel(IV) oxide and splint« 
lic nickel, and a negative ele: 
of iron mixed with iron(II) 
two electrodes are suspended 
cent solution of potassium 
KOH, containing small qu 
lithium hydroxide, LiOH. T 
battery system is written out 
(again in the direction of dis 


Fe | FeO | KOH | NiO» | N 
(20%) 


The charge and discharge reac 
nickel-iron alkaline battery 
given with a high degree of cert 
cause the oxides are hydrated ir 
degrees and their precise com] 
have not been established. In 


rage bat- 


battery, 
ts light- 
positive 
rforated 
ed with 
f metal- 
le made 
le. The 
21 per- 
lroxide, 
ties of 
Edison 
follows 
ge): 


(6) 


is of a 
ot be 
ity be- 
uying 
itions 
neral, 


EDISON STORA 
shows the che: 
alkaline storage 
charge and disc 


_——___. 


TERY—The illustration 
avior of a nickel-iron 

uring discharge. The 
actions are not known 


however, an i 


he process is given 
by the reactioy 


NiO, + I KOH) ey, 
‘ “charge 
NiOH, + )H)2+(KOH). (7) 


The potential 
battery is about | 
is considered di 
falls to about 1 \ 
The yield of an alkaline storage bat- 
Sy is considerably below that of a lead 
Ree while its cost is usually 
a Despite these drawbacks, how- 
a a it offers certain advantages. These 
clude toughness and lightness in com- 
Parison with lead-acid batteries. 
A eripe of storage battery similar 
A n battery uses cadmium in 
the iron. Finally, the silver-zinc 
ie > Storage battery, with its high 
ower and low weight, has met with con- 
siderable success, 


rence of an Edison 
t to 1.5 V. The battery 
harged if its voltage 


with great accuracy because the oxides un- 
dergo hydration in varying degrees and the 
compositions of the oxides are not precisely 
known. The yield of an alkaline battery is lower 


THE USES OF STORAGE 
BATTERIES 


Lead-acid batteries, the most common 
type, are made in many shapes and sizes 
for a variety of uses classified as automo- 
tive, motive, or stationary. The automo- 
tive type is used in cars and trucks, to 
provide a short burst of power for start- 
ing the engine. 

The second major class of storage bat- 
teries is used for motive power to operate 
electric trucks, golf carts, switch engines 
and mine locomotives, and also to pro- 
vide power for the air conditioning and 
lighting systems of railway cars. These 
batteries are required to supply power 
for 3 to 10 hours instead of the few sec- 
onds needed to start a car or truck. They 
are designed to withstand frequent deep 
discharges instead of remaining almost 
fully charged. Also, weight and size, 
while limited in most cases, are not so 


than that of a lead accumulator and its cost 
is higher. On the positive side, these batteries 
are much tougher and lighter than lead ac- 
cumulators. 


critical as in the automotive battery. 
These considerations dictate a construc- 
tion different from that of the automotive 
battery. The positive plates are thicker, 
and protected to prevent loss of active 
material that would otherwise occur in 
batteries alternately charged and dis- 
charged. 

A third major class of storage battery, 
called stationary, is used to supply elec- 
trical power during emergencies, when 
the regular source fails. Such batteries are 
kept in hospital operating rooms, tele- 
phone exchanges, railway signal centers, 
and other places where a power lack 
might be disastrous. In the stationary bat- 
tery, long life is much more important 
than weight or size. The plates are usually 
made heavier than in automotive or mo- 
tive batteries, the acid volume is increased 
considerably while the specific gravity of 
the acid is reduced, and the insulation 
between plates is doubled or tripled. 
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CHEMICAL BONDS 


The valency of an atom, that is, its ca- 
pacity to form chemical bonds, is often 
represented by long dashes. A bond is 
regarded as established when these 
dashes are linked with those of other 
atoms. For example, the tetravalent car- 
bon atom and the monovalent hydrogen 
atom can be written as follows: 


as 


The methane molecule, consisting of 
carbon and hydrogen, is then written as 
follows: 


H- 


H 
n-en 
i 


This method of representing chemical 
bonds was introduced toward the begin- 


1 


ning of the nineteenth century. Clearly. 
this was not done because chemists 
thought that atoms were spheres with 
small hooks on the outer surface, but 
rather because they were conscious of 
their ignorance of chemical bonding, The 
method was thus used for practical and 
instructional purposes. 

In practice, chemists had already ar- 
rived at the intuitive notion that chem- 
ical bonds might be electrical in nature, 
and that the explanation of bonding 
might be derived from the laws of elec- 
trical phenomena. Various substances 
dissociate into oppositely charged par- 
ticles when they are in a fused state or 
in solution; these particles separate when 
a suitable electric field is applied. Posi- 
tive particles (cations) and negative 
particles (anions) thus migrate to the 
electrode of the opposite sign. The mech- 
anisms of these reactions are discussed 


- + 
z= 


atoms in molecules 


in previous articles. Observations such as 
these led chemists to think that mole- 
cules might be held together by electro- 
static attraction between the positive and 


negative particles. These views were de- 
veloped primarily by the Swedish chem- 
ist J. J. Berzelius in his so-ca\ -dq dualistic, 
or electrostatic theory. 

In actual practice, howe- r, this the- 
ory would not explain cert: very com- 
mon phenomena. For exar e, it could 
not explain why diatomic 1» -cules such 
as H, and Cl» are extremely — :b!e. More- 
over, there was no evidence « hatever to 
view one of the hydrogen ms of H, 
as a cation and the other in anion, 


THE ATOM AS A SYSTEM OF 
ELECTRIC CHARGES 


Today, scientists are in a pos 
to what extent the theory of 


oe 


on to say 
rzelius is 


acceptable and to what extent it is not. 
Modern methods of analysis, such as 
spectroscopy, *~ diffraction, and quan- 
tum mechanics e greatly increased 
understanding « structure of atoms 
and molecules as thus been con- 
firmed beyond loubt that chemical 
bonds are due raction between the 
electric fields ; ed by the charged 
particles (elec of atoms. 

The atom c of a nucleus that 
contains two ! f particles, protons 
and neutrons articles are known 
as nucleons, | ind neutrons have 
very similar m nughly equal to the 
mass of a hy: itom (about 10-7% 
grams). Prot charged particles; 
they carry a charge of about 
1.602 x 10-1" bs. Neutrons, how- 
ever, as sugg: yy their name, are 
electrically ne: f the mass of a pro- 
ton or a neutr sumed to be equal 


to one, a nuch sisting of Z protons 
and N neutroi have a mass A=Z 
+N (mass m and a charge Z. 
However, eac plete atom is elec- 
trically neutr use it contains a 
number of ele volving around the 


nucleus—a nu jual to the number 
of protons wit e nucleus. Electrons 
carry a charg | in magnitude but 
opposite in si; » charge on the pro- 
ton. Electrons particles that move 
in a conducte ing an electric cur- 
rent. Because inertia is negligible, 
these particles y mobile when they 
are not restra electric fields, In 
fact, the mass electrons is so small 


i 


that the mass of the atom may be con- 
sidered as being concentrated within the 
nucleus. Although electrons are attracted 
by the nucleus, they do not fall into it as 
a result of their rapid motion in orbits. 

The atoms of each element differ from 
the atoms of other elements in terms of 
the number of protons contained in the 
nucleus. This number is known as the 
atomic number. Thus, the nucleus of 
hydrogen (atomic number = 1) contains 
one proton. The nucleus of neon (atomic 
number=10) contains 10 protons, and 
so forth. 


THE IONIC BOND 


The outermost electrons of an atom are 
those most weakly attracted to the nu- 
cleus. These electrons—called valence 
electrons because of their effect on va- 
lence—are, therefore, the most easily re- 
moved from the atom. When this is done, 
the atom becomes a cation (positive ion) 
because it has an excess of positive charge. 
The energy needed to remove an electron 
—the ionization energy—differs from one 
atom to another. In general, the atoms of 
metallic elements have rather low ioniza- 
tion energies. They therefore form cations 
with comparative ease. Sodium (Na), for 
example, readily loses an electron and be- 
comes a sodium ion (Na*). 

Other atoms, however, become more 
stable when an electron is added to the 
outermost shell. (These atoms are usu- 
ally nonmetallic.) This additional elec- 
tron converts these atoms into anions. 
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BERZELIUS’ DUALISTIC THEORY—These dia- 
grams illustrate the dualistic theory put for- 
ward by the Swedish chemist J. J. Berzelius. 
Copper (Cu), positive, combines with oxygen 
(O), negative, to form copper oxide, CuO. 
Sulfur (S) combines with oxygen to form sulfur 
trioxide, SO;. Since copper is more positive 
than oxygen is negative, a residue of positive 


bo 


CHARGE 


RELATIVE (1 unit = 4.8 x 10-'° 


MASS electrostatic units 
or coulombs) 
proton 1 1 
neutron 1 +0 
electron 1:1,840 -1 


MASS AND CHARGE IN THE NUCLEUS—This 
table illustrates the masses of the elementary 
particles of the atom, with the mass of the 
proton or the neutron taken as one. The sec- 
ond column in the table shows the electrical 
charge of each particle. 


Chlorine (Cl), for example, readily ac- 
cepts an electron and becomes a chloride 
ion (Cl—). The atoms of these elements 
are said to have a high electron affinity. 
This approach permits a refinement of 
the electrostatic theory. When two atoms 
such as sodium and chlorine collide, the 
sodium atom loses an electron, which is 
immediately picked up by the chlorine 
atom. This produces a sodium ion and a 
chloride ion, which are then attracted to 
each and held together by electrostatic 
force. The two ions together are called 
an ion-pair; the bond is known as an 
ionic or electrostatic bond. 


THE COVALENT BOND 


Today’s chemists use a model of atomic 
structure that lends itself to a far more 
general explanation of chemical bonds 
than the old electrostatic theory. This 
model, however, requires that the 
charged particles of a bond no longer be 
thought of as statically opposed to each 


Oo” 


charge remains on the copper oxide. Sulfur 
trioxide, on the other hand, maintains a resi- 
due of negative charge because of the greater 
negativity of oxygen. These two molecules 
thus have residual charges of opposite signs 
and can, therefore, combine to form a mole- 
cule of CuOSO, = CuSO,, copper sulfate. 
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GASEOUS SODIUM CHLORIDE—This illustra- 
tion shows how a molecule of gaseous sodium 
chloride is formed. The sodium atom (Na) 
loses an electron and becomes an Na* ion. 
This electron is transferred to the outer orbit 
of the chlorine atom, which thus becomes a 


other. The particles that collide with 
each other during the course of a chem- 
ical reaction are part of a world swarm- 
ing with electric charges—electrons, po- 
lar molecules, ions, and so forth. The 
farther electrons are from the influence 
of the nucleus, the more freely they are 
able to move. Charges in motion consti- 
tute electrodynamic forces, simply be- 
cause they are moving (a macroscopic 
example is two wires carrying electric 
currents that attract or repel each other 
depending on the relative directions of 
the two currents). Thus, given a system 
of charges in motion, a kind of dynamic 
equilibrium will occur. In more rigorous 
language, the energy of the system of 
4 
COVALENT BONDS—When an atom B col- 


lides with an atom A, a number of the outer 
electrons orbit around both nuclei. In other 


Ci- ion. The result is an electrostatic or ionic 
bond between the two ions. As a result of the 
transfer of the electron from the sodium atom 
to the chlorine atom, the former decreases in 
size and the latter increases in size. 


charges tends to assume a minimum 
value. 

Consider an isolated atom A that has 
attained equilibrium; the electrons of 
this atom revolve about the nucleus in 
orbits that satisfy the conditions of min- 
imum energy. If a second atom B, also in 
a state of equilibrium, collides with atom 
A, the equilibria at the moment of im- 
pact are destroyed. The electrons and 
protons of atom A suddenly come within 
the radius of action of the electrons and 
protons of atom B, and vice versa. The 
system is thus under pressure to attain a 
new state of equilibrium. In this new 
equilibrium some of the outer electrons 
of both atoms no longer revolve in orbits 


words, the two atoms now share some elec- 
trons (Illustration 4a), forming a particle that 
is more stable than the individual atoms. The 


that belong to one of the nuclei. Rather, 
they become established in orbits that 
surround both the nuclei. The net effect 
is that the two atoms have united in or- 
der to share some of their outer electrons, 
In the case of hydrogen, two identical 
atoms, each consisting of a proton and an 
electron, unite to form a molecule (H3) 
in which the electrons (two in all) re- 


volve in a molecular orbit around both 
nuclei. 

To say that a bond is fermed because 
the atoms share their outer trons does 
not really constitute a xplanation, 
Rather, it is at best a de tion. From 
this point of view the ek static bond 
seems more comprehensi lespite the 
fact that it does not exp! 1e bonds in 
molecules such as H, a ls, On the 
other hand, the shared ron model 
does not explain a grea! | more, In 
reality, emphasis must b ed on the 
interactions between th ‘icles in the 
system of moving char interactions 
that are not purely electri , but rather 
electrodynamic. These actions are 
determined by mathemat alculations. 
When translated into d ptive form, 
the results of these calcu is appear as 
the shared-electron-pair | 1. This type 
of bond is called a covali: | bond. 


BOND POLARITY 
Has the theory of the e! static bond 
been made obsolete by | 


formation of a hydrogen r 
separate hydrogen atoms 


ration 4b) is 
an example of the covalent j 


heory of the 
jle from two 


i 


i 


| 


Le 


\ 


istration represents the 
up by a dipole; that is, 
ı the center of positive 
cide with the center of 


A DIPOLE — 7 
electrostatic fi« 
a molecule in 
charge does r 


are different bond 
types possib|: answer this question, 
consider a n hydrogen atom, H, a 
hydrogen m , Hz, and a mole- 


covalent bon 


cule of hyd chloride, HCl. For 
each of these icles, there is no net 
electric chary use the total number 


of protons is « 


y balanced by the to- 
tal number of 


rons. The distribution 
of charges within a particle, on the other 
hand, may differ. The centers of positive 
and negative charge coincide in H and 
Ha, but not in the case of HCl. In fact, 
an HCI the center of positive charge is 
displaced toward the hydrogen atom and 
the center of negative charge is displaced 
toward the chlorine atom. A molecule of 
Cl, whose overall charge is zero, there- 
fore acts like an electric dipole and sets 
up an electric field around itself. This 
happens because the H and Cl nuclei are 
not identical. The Cl nucleus contains 
=e Protons and thus exerts a greater 
Sears force on electrons. Put another 
than a is more electronegative 
ti z ogen. Therefore, when an H 
fond and a Cl atom react and a covalent 
PA is established, the electrons spend 
© time orbiting around the chlorine 


negative charge. Although a molecule of this 
type is, as a whole, neutral, it will always be 
surrounded by an electric field. 


AY B, 


FROM COVALENT BOND TO IONIC BOND— 
This illustration shows the gradual transition 
from the covalent bond that unites atoms A, 
and B, to the ionic bond that unites atoms 
A, and B,. This transition occurs as the dif- 


THE COORDINATE COVALENT BOND — The 
coordinate covalent bond is the result of yet 
another type of electron displacement. Here 
the electrons in the molecular orbit revolve 


Me ee 


atom. The electron cloud around the 
chlorine atom is thus much denser than 
the negative charge cloud surrounding 
the hydrogen atom. When a covalent 
bond is formed between two identical 
atoms, on the other hand, the resulting 
molecule is symmetrical with respect to 
charge; that is, no polarity exists. If the 
atoms are different, the molecule is al- 
ways polar, although the extent of the 
polarity may differ from case to case. 

In the extreme, if the electronegativity 
of the two atoms A and B differs by a 
very large amount the result is that the 
bonding electrons will spend all of their 
time around the more electronegative 
atom. In other words, formation of the 
bond constitutes an exchange of elec- 
trons. The outermost electron(s) of one 
atom passes to the other atom, thus form- 
ing a pair of oppositely charged ions. The 
ionic bond may thus be viewed as the 
limiting case of a highly polar covalent 
bond. Displacement of bonding electrons 
occurs also when the molecular orbit ex- 
tends around both atoms almost equally, 
but the electron pair comes from only 
one of the two atoms. This type of bond 
is called a dative or coordinate covalent 
bond. Clearly, the donor atom is the one 
that assumes the positive polarity. 


As 


ik 


+ >” 
ference in the electronegativity of the two 
atoms increases. In the extreme, the outer 
electron of one atom is transferred to the 
other atom, forming a pair of oppositely 
charged ions. 


around both nuclei, but these electrons came 


from just one of the two atoms. The donor 
atom, atom A in this case, thus assumes a 


positive polarity. 
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ATOMS AND CRYSTALS | 


Steel, heated until it glows and then 
cooled rapidly, is harder than if it had 
been cooled slowly. During such rapid 
cooling iron and carbon atoms reposi- 
tion themselves in a way that gives the 
steel its hardness. 

In the 19th century the thrust in chem- 
istry was toward the formulation of a the- 
ory of matter to explain the laws of 
chemical reaction and to define precisely 
the concept of the molecule; the result 
was the modern atomic theory of matter. 
Subsequently chemists and physicists be- 
gan studying the arrangement of atoms 
in molecules and of molecules in solid 
bodies. Today, as a result of these theo- 
retical studies, it is possible to synthesize 
new compounds that are very hard with 
a high melting point, as well as those that 
are very soft with a low melting point. 
Quite generally substances can be “tailor- 
made” for many specific purposes. 

Today’s knowledge of matter extends 
far beyond elementary properties such as 
hardness and refractoriness. It is now 
possible to explain the reason for certain 
properties of matter; for example, it has 
been established that the color of differ- 
ent solid bodies is controlled by the ir- 
regular arrangement of the atoms inside 
them. The properties and characteristics 
of matter in the solid state fall generally 
into two areas: those that are caused by 
regular and symmetric atomic arrange- 
ments, and those that are caused by ir- 
regularities and a lack of symmetry. The 
distinction between the two is not clear- 
cut, but the two classifications allow cer- 
tain generalizations to be made. 

The most obvious properties of solid 
matter are based on the regular arrange- 
ment of atoms, but many other, less ap- 
parent, properties depend on isolated 
irregularities found even in the most reg- 
ular of crystals. Such imperfections ex- 
plain the rapid solidification of solids 
from a solution as well as from their own 


THE CHARACTERISTICS OF SOLIDS—Any 
substance that has a crystalline structure in 


la 


temperature 


the properties of crystals 
depend on atomic order 


the solid state has a well-c 


point. When the substance is 


ned melting 
sated, it re- 


mains solid up t 
perature it becc 


le 


int; above that tem- 
uid. A substance is 


heated by supplying energy—more precisely, 
heat—to it. Illustration 1a shows what happens 


during this process: the substance stores this 
energy in its mass, raising its temperature 
(section a of the curve). A dramatic change 
takes place once the melting temperature is 
reached. The heat first accelerates the oscil- 
lating motion of the atoms of the solid, In 
solids, as opposed to liquids and gases, the 
atoms are fixed in one position around which 
they vibrate more or less rapidly depending 
on the temperature. Once the melting point is 
reached, the atoms vibrate so rapidly that 
they overcome the forces of attraction that 
held them together in the form of the crystal 
lattice, and the atoms break away from each 
other. Until all the atoms have broken away 
from each other and a liquid is formed, the 
energy supplied no longer increases the tem- 
perature of the substance but only liquefies 
the substance by destroying its crystalline 
structure. As a consequence, the temperature 
of the substance remains unchanged during 
the time melting takes place (section f of the 
curve). If heating continues, the temperature 
will rise once again (section b of the curve). 
This heat curve, with its typical leveling off at 
the melting temperature, is characteristic of 
solids. No two solids of different composition 
have the same melting point, which is why 
the melting point can be used in analysis to 
identify solids. Impurities in a substance, how- 
ever, can cause the melting temperature to 
vary considerably. 

lilustration 1b shows the heat curve of a 
liquid or a substance that appears to be solid 
but has the properties of a liquid—glass, for 
example. This type of melting curve shows no 
leveling off. 

It is possible to interpret the various char- 
acteristics of the heat curves of a solid or 
liquid by examining the arrangement of the 
atoms inside the substance. Illustration 1c 
shows how the atoms in a solid are arranged 
in simple, regular formations that are peri- 
odically repeated. When the atoms are heated 
they vibrate around the positions shown. At a 
certain level of vibration the atoms break away 
from these positions and, in so doing, melt 
the solid. 

In a liquid or other substance with a non- 
crystalline structure, the positions occupied by 
neighboring atoms are irregular, as shown in 
Illustration 1d. As the temperature, and there- 
fore the agitation of the molecules, increases, 
the amounts of energy in the molecules in- 
crease. The less stable structures break Gown 
first; as the agitation increases, the more 
stable ones break down. Because noncrystal- 
line solids generally do not have definite tran- 
sition points, they soften, in the ordinary sense 
of the word, at a gradual rate with increasing 
temperature. 
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molten liquid, why metals are ductile, 
why metals acquire hardness under heat 
treatment, and why alloys are harder 
than their constituent elements. Slight 
imperfections are also responsible for 
semiconductors having special current- 
2 


carrying properties, or for the fact that 
ionizing radiation can radically change 
the properties of a substance. Imperfec- 
tions account for the fact that a metal 
subjected to certain stresses becomes 
more susceptible to corrosion than one 


a 


not so subjected, and for the fact that a 
perfectly pure and transparent crystal 


may exhibit color without an» sort of im. 
purity being introduced inte it—the list 
of such properties is almos endless, A 
study of the chief character’.:ics shown 
by solids is essential to dedu ag the ar- 
rangement of the atoms insid. ‘hem, 

SOLIDS IN THEIR CRYSTALL STATE— 
Only substances with a fixed ting point 
can be properly called solids. there are 
also other basic characteristics solids. All 
solids have a crystalline form. \ ) produc- 
ing a solid, by solidifying it fror liquid, by 
evaporating a solution, or by cc Jensing a 
vapor, it is possible to cause the s- 1 to grow, 
or accrete, in some regular geor tric form. 
Illustration 2a shows a quartz cr l, silicon 


dioxide (SiO,), that is regular in si- ve. 


Solids are formed of either a mo: ocrystal— 
one single crystal—or of many adje. -nt mono- 
crystals fused or in contact with h other, 
An isolated crystal, or a projecting c' stal such 
as the one in Illustration 2a, is said t: have the 
crystalline habit typical of the sub ‘ance, Il- 
lustration 2b, on the other hand, hows an 
association of pyrite crystals projec ng from 
a mass of pyrite. The projecting cr, tals are 


characteristically cubical. The mes from 
which they project, also formed of py ‘te (iron 
disulfide), contains similar mon: crystals 
which, because each of them grew in the 
space left free by its neighbor, are in :ontact 
with each other. The exterior appearance of 
the monocrystals does not show the charac- 
teristic habit. Even in the compact mess the 
crystals are well formed and have prc perties 
similar to those of the projecting cry tals. If 
the compact mass were hammered tc pieces, 


the fragments would appear similar shape 
to the projecting crystals. 

If a solid substance consists of « mass of 
large and small (sometimes mic oscopic) 
monocrystals, the mass is called a p: ycrystal- 
line mass. The sample of granite nown in 
Illustration 2c is a simple polycrysta!: ne mass. 
The main constituents of the granite «re mono- 
crystals of quartz, feldspar, and mica 

Special techniques are used to reveal crys- 
talline structure that is invisible to thə unaided 
eye. Illustration 2d, for example, is a photo- 


graph made through a microscope that shows 
the complex polycrystalline structure of a 
metal. Isolating one of the grains from which 
this mass is formed would reveal a mono- 
crystal; however, the monocrystal would not 
display its characteristic habit because its 
shape has been modified by the presence of 
neighboring crystals. 

The properties of Monocrystals are impor- 
tant because from them properties of poly- 
crystalline substances may be deduced. The 
Study of so'id-state physics has greatly stimu- 
lated techniques of producing monocrystals: 
When scientists first began to study the basic 
Properties of solids, they used mineral crys- 
tals (usually polycrystalline) because samples 
were readily available that showed the char- 
acteristic habit. Later a need arose for isolated 
Crystals produced from substances other than 
those found in nature, such as metals, alloys, 
and the crystals of many synthetic, inorganic 
substances. 
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composition 


formula, to show that it conveys only a 
limited amount of information about the 
molecule. 

The subject of this article is the inter- 
pretation of such information—in partic- 
ular, how the weight of the molecule is 
a function of the weight of its atoms. 
Since each atom has a specific atomic 
weight, the formula reveals the relative 
weights of the different elements in the 
compound. 


calculating chemical 


even though the number of hydrogen 
atoms in the molecule is double the num- 
ber of oxygen atoms. 

The nitric acid molecule is another in- 
teresting example. The formula is HNOs, 
and the calculation of molecular weight 
is as follows: 


one atom of hydrogen: _1.008 
one atom of nitrogen: 14.008 
three atoms of oxygen: 48.000 


63.016 


CHLORIDE—If a little 
ided to a beaker con- 
zinc, the result is zinc 
gas. The reaction is as 


Hof + ZnCl. 


js 
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@« 
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MOLECULAR WEIGHT 
AND ATOMIC WEIGHT 


Molecular weight is the sum of the atomic 
weights of the atoms that form a mole- 
cule, As an example, the formula for 
water is H20; thus, the molecule contains 
two atoms of hydrogen and one atom of 
oxygen. The molecular weight of H:O 
is the sum of the atomic weights of the 
two hydrogen atoms and the one oxygen 
atom: 

2H:2x 1.008= 2.016 

O: 1 x 16.000 = 16.000 

18.016 


18,016 is thus the weight of a molecule 
of water expressed in atomic weight units. 
While the actual weight in grams of a 
molecule of water is not known (although 
it may be calculated by converting atomic 
weight units into grams), the ratio be- 
tween the weight of the hydrogen and 
the weight of the oxygen in H:O is 
known. Given that the hydrogen atoms in 
a molecule of water weigh 2.016 and the 
oxygen atom 16.000, simply dividing the 
weight of the oxygen by the weight of 
the hydrogen gives the ratio desired: 7.94. 
Water thus contains almost eight times as 
much oxygen as hydrogen by weight, 


The molecular weight of nitric acid is 
thus 63.016. The oxygen fraction by 
weight is 48.000/63.016 or 0.762. In other 
words, oxygen accounts for more than 
three quarters of the weight of nitric 
acid. 


APPLYING STOICHIOMETRIC 
CALCULATIONS 


The formula of a molecule permits calcu- 
lation of the ratios, by weight, of the 
atoms it contains. The converse problem 
can also be solved, Research into the com- 
position of chlorophyll b, for example, 
shows that its molecular weight ranges 
from about 905 to 910. Analysis shows 
also that the chlorophyll molecule con- 
tains the metal magnesium, and that its 
proportion in the molecule is roughly 3 
percent by weight. The question is: how 
many atoms of magnesium does one mol- 
ecule of chlorophyll contain? Since the 
atomic weight of magnesium is 24.32, the 
ratio of this figure and the total molecular 
weight is 24.32/907 (taking 907 as the 
approximate molecular weight), or 0.027; 
in other words, nearly 3 percent by 
weight. The conclusion from this calcula- 
tion is that the chlorophyll molecule con- 
tains exactly one atom of magnesium. If 
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NITRIC ACID—The empirical formula HNO, 
indicates only the number and types of atoms 
in the acid molecule. The structural formula, 


it contained two, the ratio would have 
been 48.64/907 = 0.0537. In actuality, the 
ratio was nowhere near this figure). 
Using the same general method to work 
out the proportions of the other atoms in 
the molecule, the empirical formula 
CssHzoMgNOg has been derived for 
chlorophyll b. 

Stoichiometry can thus be used to work 
out the formulas of chemical compounds, 
It can also be used to calculate the cor- 
rect quantities of reagents for the prep- 
aration of compounds. Suppose, for exam- 
ple, that zinc chloride (ZnCl) is to be 
prepared, using hydrochloric acid (HCl) 
and zinc (Zn) as the reagents. How much 
zine, and how much hydrochloric acid is 
required, for example, to produce 100 g 
of zinc chloride? The reaction is: 


Zn + 2HCI> ZnCl, + He. 


The first step is to look at the atomic and 
molecular weights of these substances. 


Zn = 65.37 
HCl= 36.46 
ZnCl; = 100.82 


The amount of zinc needed is calculated 
as follows: If 65.37 parts of Zn are needed 
to form 100.82 parts of ZnCl», then let x 
be the number of grams of zinc needed to 
get 100 g of ZnCl». The resulting ratio is: 

ZnCl; : Zn = 100 : x. 
Numerically, this is 


100.82 : 65.37 = 100 : x. 


shown in the illustration, shows how the atoms 
are combined and the nature of the bonding. 


Hence 


_ (65.37) (100) 
=" 100.82 
Similarly for hydrochloric acid, the quan- 

tity needed is 


100.82 : (2x 36.46) = 100 : x 


_ (100) (2x 36.46) _ 

008 = 72.3 g HCl. 
However, while hydrochloric acid is a so- 
lution, the HCI that enters this reaction is 
a gas. The most practical way to handle 
HCI! is to dissolve it in water. To deter- 
mine how much of the acid solution is 
required, however, it is necessary to de- 
termine the concentration of the solution; 
this reveals the weight of solution needed. 

This type of stoichiometric calculation 
is used to work out the quantities of sub- 
stances required for industrial chemical 
reactions, although certain adjustments 
may have to be made in the calculations 
described above. In the case of mass- 
produced, low-cost zinc chloride, for ex- 
ample, the zinc introduced into the reac- 
tion chambers is not of the purest quality. 
Since impurities contribute to the weight 
but not to the production of zinc chloride. 
however, the quantity of zinc has to be 
increased slightly for every hundred 
grams of ZnCl, produced. 


=64.9 g zinc. 


TITRATION 


One important use of stoichiometry is in 
titration. This can best be explained by an 


example. Consider an aqueous solution 


of caustic soda, and suppose that the 
quantity of NaOH dissolved i! the solu- 
tion is desired. Direct analysi- although 
possible, would be a long and «< . stly proc- 
ess. Titration is a much simp ~ method. 
In titration an acid is added > the solu- 
tion until it is neutral. Since s caustic 
soda—a strong base—that is to titrated, 
the acid added will have to a strong 
acid. Hydrochloric acid will since it 
can be introduced drop by di into the 


NaOH solution up to, but not ʻond, the 


3 
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neutrality is shown by an indicator—a 
substance that changes eolor when the 
solution in which it is immersed turns 
from acid to base or base to acid. 

Electrometric titrations are those in 
which the point of neutrality, or end point, 
is detected by electrical measurements. 
Four types of electrometric titrations are 
utilized: potentiometric, conductometric, 
amperometric, and coulometric. 

The usual potentiometric titration ar- 
rangement is to have two electrodes, one 
an indicator electrode in the solution con- 


taining the sample being titrated, the 
other a reference electrode, external to 
the sample vessel and connected to it by 
means of a salt bridge. The indicator 
electrode is chosen to respond to changes 
in concentration of the substance being 
titrated. 

In conductometric titrations, a pair of 
electrodes, usually platinum sheets, is in- 
troduced into a titration vessel, and the 
electrical resistance is measured after the 
addition of successive portions of reagent. 
The reciprocal of the resistance, or con- 


om of magnesium is 
e. Utilizing research 
nd that chlorophyll b 


consists of 4 pyrrole rings (a, b, c, d,), each of 
which consists of 4 atoms of carbon (orange) 
and one atom of nitrogen (blue), joined by the 


bridge groups a, 8, y, and 6. A long paraffin 
chain is attached to carbon atom 7, and vari- 
ous radicals to the others. 
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ductance, is plotted against titration vol- 
ume. Generally, the resulting graph con- 
sists of two straight lines intersecting at 
the end point. 

Amperometric titrations are based on 
the measurement of electrolysis current 
during the course of a titration. The cur- 
rent is determined by the rate of supply 
of some substance to one of the elec- 
trodes. Because of this feature, the am- 
perometric titration does not respond to 
the total conductance of the solution and 
the electrode response is therefore more 
specific, 

In a coulometric titration the quantity 
of electricity required to carry out a 
known reaction is measured, and from 
Faraday’s law, the quantity of material 
present is calculated. Coulometric titra- 
tions are customarily carried out either at 
constant potential or at constant current, 


OTHER USES OF 
STOICHIOMETRY 


Stoichiometry is used whenever the 


TITRATION—One way of working 
out the titer, or concentration, of a 
solution (NaOH, for example) is as 
follows. Hydrochloric acid (HCI) at 
a known concentration (Illustra- 
tion 4a) is added to the solution 
drop by drop from a graduated bu- 
rette (a long glass tube with a tap). 
The base solution (which turns lit- 
mus paper blue) is gradually neu- 
tralized by the addition of the acid, 
yielding the salt NaCl (Illustration 
4b). When the solution is completely 
neutralized, the litmus paper no 
longer changes color. Stoichiomet- 
ric calculation is then used to work 
out the quantity of NaOH in the 
original solution. 


weights of substances are to be calculated 
on the basis of a given formula. This 
means that the entire science of chemical 
reactions from the point of view of weight 
and volume makes use of stoichiometry. 
Stoichiometry is thus one of the founda- 
tion stones of industrial chemical process- 
ing and chemists are carefully trained 
in stoichiometric techniques, Processing 


plants are equipped with expensive regu: 
lating equipment to ensure that reacting 
substances are present in the correct 
proportions. In addition, stoichiometric 
calculations are extremely important to 
engineers in the evaluation of the perform- 
ance of such equipment, as well as in the 
design of new equipment and in the mod- 
ification of equipment already in use. 
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S or example, the molecular weight 
a molecule of oxygen (Oz) is 32.000, 
ecause the atomic weight of oxygen has 


a key concept 
in chemistry 


been assigned a value of 16.000. Thus, 
molecular weight is no more and no less 
than the sum of the atomic weights of the 
atoms that make up the molecule. For an- 
other example, the molecular weight of 
the hydrogen chloride (HCI) molecule is 
36.461, no more and no less than the sum 
of 1.008 and 35.453—-the atomic weights 
of hydrogen and chlorine. Now, if 32.000. 
grams of oxygen is used in some experi- 
ment or other, this quantity is referred to 
as one “gram-molecular weight” of oxy- 
gen. In other words, whenever a gram 
quantity of a given substance numerically 
equal to the molecular weight of the sub- 
stance is used, this quantity is called the 
gram-molecular weight. A gram-molecu- 
lar weight of a substance is also called a 
mole of the substance. Multiples and frac- 
tions of a mole are also used; thus, 3.200 


grams of oxygen equals 0.10 mole, and 
so forth. 

The gram-molecular weight is the mole- 
cular weight of a substance expressed in 
grams. It contains 6.02257 x 10° mole- 
cules, This number is known as Avo- 
gadro’s constant. The weight of a single 
molecule can be determined by dividing 
the value of the gram-molecular weight 
by this number. 

It is easy for modern chemists to say 
that the molecular weight of oxygen is 
32.000, because the oxygen molecule con- 
sists of two atoms each with an atomic 
weight of 16.000, Suppose, however, that 
the structure of the oxygen molecule (or 
any other molecule) was not known. The 
French chemist Joseph Louis Gay-Lussac, 
working toward the beginning of the 
nineteenth century, made a careful study 
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THE NUMBER OF ATOMS IN A MOLECULE— 
The molecule of neon (Illustration 1a) is mon- 
atomic—composed of only one atom. The hy- 
drogen molecule (Illustration 1b) is diatomic, 
or composed of two atoms. The molecule of 


ld 


phosphorus (Illustration 1c) is tetratomic, with 
four atoms located at the vertices of a regular 
tetrahedron. Finally the molecule of sulfur (II- 
lustration 1d) is octatomic, with eight atoms 
arranged in a ring. 
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hydrogen 
2 volumes 
2 moles 


nitrogen 
1 volume 
1 mole 


COMBINING RATIOS OF GASES — Two liters 
of hydrogen combine with one liter of oxygen 
to form two liters of water vapor. One volume 
of hydrogen and one volume of chlorine pro- 
duce two volumes of hydrogen chloride. One 
volume of nitrogen and three volumes of hy- 


oxygen 1 volume 1 mole 


water vapor 
2 volumes 


2 moles 


chlorine 
1 volume 
1 mole 


hydrogen 
3 volumes 
3 moles 


drogen produce two volumes of ammonia. 
These facts led Gay-Lussac to formulate his 
law: “The volumes of gases that combine with 
each other are in the ratios to each other of 
simple whole numbers; the same is true of the 
gaseous products.” This led to Avogadro's law: 


hydrogen chloride 
2 volumes 
2 moles 


ammonia 
2 volumes 
2 moles 


“Equal volumes of different gases, measured 
at the same temperature and pressure, en És 
tain the same number of molecules. The mo a 
cules of the gases, whether reagents or rea 4 
tion products, must have the same ratio 4 
their respective volumes.” 
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MEYER'S APPARATUS—When the glass rod liquid d. The vapor adds to the air in the sys- the volume of ates of ee Moree eg 
$ removed, the solid substance a falls to tem, which passes through the side tube e, pts etn knowing thal weight oiha: sib- 
bottom of the test tube c where it is vap- enters the tube f upturned in basin g, and dis- i ©. its molecular weight can be calculated. 
ed by the heat produced by boiling the places the water in that tube. By measuring stance, 
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THE DEEP BLUE OF THE SKY—When no air 
is present, the sky is perfectly black. This is 
how astronauts see it. The air in the atmo- 
sphere diffuses the blue portion of the sun’s 
light and causes the sky to appear blue. The 


of the reactions that occur between gases. 
He noticed in particular that two liters 
of hydrogen react with a liter of oxygen 
to form two liters of water vapor: 


2H» + 02> 2H,0. 


Also, one liter of hydrogen combines with 
one liter of chlorine to produce two liters 
of hydrogen chloride: 


H: + Cl > 2HCI. 


Another Frenchman, the chemist Claude 
L. Berthollet, observed that three liters of 
hydrogen combine with one liter of nitro- 
gen to produce two liters of ammonia: 


3H. + N2 > 2NH;. 


Gay-Lussac used his experimental data to 
formulate a law that may be summarized 
as follows: When two gases combine, 
there is a simple ratio between the vol- 
umes of these gases and also between the 
total volume of the combined gases and 
the volume of the gaseous compound 
produced. 

This law led to the conviction that 
equal volumes of gases, at the same tem- 
perature and pressure conditions, contain 
an equal number of particles, whether 
atoms or molecules, The result of all this 
was widespread confusion, since at that 
time the difference between atoms and 
molecules had not been clarified. The 
Italian chemist Amedeo Avogadro settled 
the controversy by changing the law to 
read: Equal volumes of different gases, 
at the same temperature and pressure 
conditions, contain an equal number of 
molecules. In practice, all that is required 
to calculate the molecular weights of gas- 


higher the density of the air, the deeper the 
blue. Gauging the color of the sky can thus 
give an indication of the density of the air, 
if there is no haze or mist. 


eous substances (assuming Avogadro's 
law is true) is to weigh equal volumes of 
the substances. The result will be relative 
molecular weights. Avogadro’s law also 
shows that a gram-molecular weight of 
any given gaseous substance, when at 
0°C and a pressure of 1 atmosphere 
(standard temperature and pressure in 
other words), will always occupy the 
same volume. For example, if the volume 
occupied by each of three substances (a 
mole of oxygen, a mole of hydrogen, and 
a mole of nitrogen) is measured at 0° C 
and 1 atm pressure, the result is 22.4 liters 
in all three cases. To measure the molec- 
ular weight of a gas, therefore, it is only 
necessary to determine the weight at 
standard temperature and pressure of 
22.4 liters of the gas. 

To measure the volume of a solid, the 
substance must be converted to the gas- 
eous state. For this Meyers method can 
be used. This involves volatilizing a 
weighed quantity of the substance in an 
air-filled container, and collecting the air 
displaced. Since the weight of the sub- 
stance placed in the container is known, 
and since its gaseous volume is equal to 
the volume of air displaced, the density 
of the gas in grams per liter and its mo- 
lecular weight can be calculated. Since 
one mole occupies a volume of 22.4 liters 
(at standard conditions), the following 
ratio applies (g= weight of the sub- 
stance, and MW =the unknown molec- 
ular weight): g:V=MW:22.4. If g 
grams occupy a volume of V liters, the 
number of grams corresponding to the 
molecular weight MW occupy a volume 
of 22.4 liters. The molecular weight is 


thus obtained from the equation: 


— (g) (224 
Ma 
(V is not precisely the volume read off 
in the graduated bell used +ò collect the 
air, Certain modifications described 
here must be made.) 

Avogadro’s law met with  \nsiderable 
opposition at first. It is inte ing to see 
how such confusion can aris. Suppose it 
is desired to find out the mol: lar weight 
of ammonium chloride (NI ), which 
is obtained by combining hy -gen chlo- 
ride and ammonia (NH4): 

HCI + NH; > NH,‘ 
Its molecular weight will ol- iously be 
the sum of the molecular we hts of its 
components, that is, 53.5. Meyer's 
method is used, however, th figure is 
reduced by about one half: Why is 
this? After a lot of guesswor: the idea 
was put forward that, due t the high 
temperature, the molecule of :nmonium 
chloride had dissociated again i to a mol- 


ecule of hydrogen chloride anc a mole- 
cule of ammonia. The volume »ccupied 
was thus doubled, and the app: rent mo- 
lecular weight halved. 


RELATIVE DENSITY OF © SES 

The density of a substance is ts weight 
per unit volume. In the case o' olids and 
liquids, weight is expressed in rams and 
volume in cubic centimeters the case 
of gases, however, the liter is t- best unit 
of measure for expressing voume. Gas 
density is thus expressed not in grams/ 
cubic centimeter (g/cm*) bui rather in 
grams/liter (g/l). It is often useful to 


compare the density of a substance with 
the density of a standard substance. In 
the case of solids and liquids, the sub- 
stance normally used for reference pur- 
poses is water. In the case of gases, it is 
usually hydrogen at standard conditions: 
The ratio between the density of the sub- 
stance and the density of hydrogen 1$ 
used to work out the molecular weight 
by means of the following equation: 
D,: Da = MW, : MW», 

where D, and MW, are the density and 
molecular weight of the unknown sub- 
stance, and D and MW; are the density 
and molecular weight of the standard 
gas. Measuring the densities of gases has 
frequently led to a determination of the 
structure of molecules. 
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continuous motion 


is applicable to a certain extent to liquids 
and solids. According to the theory, gases 
consist of minute elastic particles, negli- 
gible in volume, that are always in mo- 
tion and continually colliding with one 
another. 

Among other facts known about gases 
are the average distance their molecules 
travel before colliding with one another 
and the existence of internal friction. In- 
ternal friction is determined experimen- 
tally, and theory serves to expand the 
concept. On the other hand, the average 
distance a molecule travels between col- 
lisions—its mean free path—can be worked 


out theoretically but is difficult to demon- 
strate experimentally. The mean free path 
of a gas, however, is useful in designing 
equipment to produce almost perfect 
vacuums, so that calculations based on 
the theory are of great importance in 
that application alone. 

Many other characteristics of gases 
can be interpreted through the kinetic 
theory, such as the capacity of one gas 
to diffuse into another. Many facts about 
gases are evident from simple observation 
of their behavior, but theoretical calcula- 
tion makes possible the prediction of the 
characteristic under examination. 


en FREE PATH—The average dis- 
ea ee by the molecules in a gas 
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cule is moving at velocity v, while all the others 
are at rest (Illustration 4a). Suppose, further, 
that this molecule has a radius twice as large 
as it actually has (2r instead of r), and that 
all the molecules at rest have only the prop- 
erties of points—that Is, they are virtually 
without dimensions. In one second, this mole- 
cule will travel along a space that is cylindrical 
in form, with a base having the area of the 
sphere (4717), and a length equal to the dis- 
tance traveled in one second (v). The volume 
of this cylinder will therefore be 4zrv. The 
number of collisions to which the molecule 
will be subjected when traveling at velocity v 
is equal to the number of molecules inside the 
cylinder, shown in Illustration la as a light- 
colored path. In a volume V, which is defined 
as the volume occupied by one mole of gas 
under normal temperature and pressure, the 
number of molecules is equal to Avogadro’s 
constant, N. A smaller volume will have a 
smaller number of molecules. The number of 


molecules encountered in a second by the 
traveling molecule will be 
n = 4nrv N/V, 


where N/V is the number of molecules present 
in the unit of volume. 

On the other hand, when all the molecules 
are in motion (as actually occurs), the situa- 
tion is more complex, as Illustration 1b shows. 
The number of collisions is slightly greater 
than in the previous calculation and equals 


4 VŽ nr? N/V. 


Now that the number of collisions that takes 
place per second is known, the mean free 
path (Illustration 1c) can be calculated. In 
one second, the molecules travel over the 
distance v; therefore, if n collisions take 
place in v, two successive collisions will take 
place at an average distance I = v/n. It can 
be said that the mean free path equals 


1=V/4 VĒ nr N. 


95 


THE RADII OF MOLECULES—To calculate 
quantities such as the mean free path of mole- 
cules and the number of collisions per second, 
it is necessary to know the radius of the 
molecules shown in Illustration 1a as spherical 
in form. Suppose that the molecules are prac- 
tically in contact with each other in a liquid. 
One mole of a substance contains a number 
of molecules equal to Avogadro's constant. To 
find the volume of a molecule of oxygen, it 
is sufficient to measure the volume of 32 g 
(about 1.1 oz) of liquid oxygen: the volume 
of a single molecule of oxygen will be equal 
to this amount divided by Avogadro's constant. 

By application, the characteristic data for 
the molecules of any liquefiable substance 
can be obtained. Illustration 2b illustrates the 
relative dimensions of molecules of oxygen, 
Oz; nitrogen, N3; hydrogen, H2; and helium, 
He. The diameters of the molecular spheres 
are shown in Angstrom units (1A = 10 cm). 
Molecules of these elements are among the 
smallest of known molecules; those of many 
organic substances are much larger. 


nitrogen 


THE MOLECULES OF AIR ENLARGED 
10,000,000 TIMES—Although for many reasons 
air cannot be considered a true gas, at nor- 
mal temperatures it behaves very much like 
one. Illustration 3 shows a volume of air en- 
larged for the purpose of observing the mole- 
cules of a gas to scale. The cube as drawn 
has sides that measure 10 cm (about 4 in.). 
The cube represents a cube with sides mea- 
suring only 100 A, or a hundred-thousandth 
of a millimeter, containing 30 molecules. 
Therefore, the scale of this diagram is 
10,000,000 to 1. On this scale, each molecule 
of nitrogen and oxygen has a diameter of 
about 3 mm (about 0.1 in.), the equivalent of 
3 A (more precisely, 2.9 A for oxygen and 
3.1 A for nitrogen). The average distance be- 
tween molecules is about 25 A. (This distance 
should not be confused with the mean free 
path, which is much longer.) The empty space 
between the molecules allows them to move 
freely. Between two collisions, each molecule 
travels an average of about 625 A. On the scale 
of this illustration, this distance equals 62.5 cm 
(about 24.6 in.), a distance represented by the 
shortened arrow. Because the distance be- 
tween the molecules is very great in compar- 


3 


ison to their average diameter, they can travel 
for comparatively long distances before collid. 
ing. Nitrogen and oxygen trav respectively, 


as fast as 471 m and 440 m ( ut 1,545 and 
1,444 ft) per second, or about 00 thousand- 
million times their diameters pe: second. Thus, 
the molecules shown at rest w j not remain 
inside the cube, which meas 100 A on 
each side, for longer than action of a 
thousand-millionth of a secon vis high ve- 
locity means that the molec travel the 
mean free path in a very sho ve and thus. 
are subject to collisions at mely great 
frequency, causing them to c je direction 
and velocity continually. The llision fre- 
quency, or the number of coll 5 that each 
molecule undergoes, is abo thousand 
million per second. 

The data given here are vali r air under 
normal conditions—a tempere of 20°C 
(68° F) and a pressure of 760 (29.92 in.) 


Hg. If the temperature and sure Vary, 
these data also vary conside y. Lighter 
gases, such as hydrogen ar vellum, or 
heavier ones, such as the vapor f mercury, 
krypton, xenon, or radon, poss¢ character- 


istics that differ somewhat from se of alr. 
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A thin sheet of rigid 

air will encounter a 
object is forced to 

ules of air that are in 

e (Illustration 4a). A 

gth of the first will en- 
strong braking force. The 
directly proportional to 


the area of the exposed surface. The mole- 
cules dragged through contact with the sur- 
face, in turn, drag the molecules of adjacent 
strata of air, causing friction. 

In Illustration 4b, the gas-filled space is 
divided into two strata that move in relation 
to each other. If the two strata were immobile, 
the molecules of the lower stratum would flow 


into the upper, following the vertical (red) 
arrows. Instead, because of the relative mo- 
tion of the two strata, the molecules rise in 
the direction of the inclined (green) arrows, 
colliding in their turn with the molecules of the 
second stratum, moving the latter in the same 
direction, away from the vertical. 
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BROWNIAN MOVEMENT | ecto in turmoil 


Many of the secrets of the physical world 
are invisible to the naked eye. These 
secrets are accessible, however, just as 
many of the mysteries of biology can be 
laid bare with an inexpensive micro- 
scope. Investigating molecules and atoms, 
however, is difficult. Nevertheless, it can 
be done, with patience, ability, and the 
desire to learn. This article describes a 
simple demonstration showing that mat- 
ter consists of minute particles that are 
distinct from each other and in constant 
motion. Proof, indirect though it may be, 
of the existence of molecules is the pur- 
pose of the experiment described. 

The equipment needed for this exper- 
iment is simple: a good microscope, two 
or three glass beakers, and a few sub- 
stances stocked by paint dealers. 


MICROSCOPE PREPARATION — All that is 
needed to observe Brownian movement is a 
suspension of minute particles in water. This 
can be prepared by mixing a small amount of 
varnish or any pigment (available from the 
local paint dealer) in a beaker or flask half 
full of water, as shown in the illustration. This 
suspension will immediately take on the color 
of the varnish or pigment, and will at first sight 
appear homogeneous; that is, the dispersed 
phase (the pigment) will be indistinguishable 
from the dispersing phase (the water). On the 
other hand, if the suspension is viewed through 
a microscope, it will be seen to consist of 
minute particles in constant motion. This mo- 
tion is Brownian movement. 


A BOTANISTS DISCOVERY 


During the early part of the nineteenth 
century, the Scottish botanist Robert 
Brown was working with pollen, the male 
germ cells of flowers. Pollen is an ex- 
tremely interesting substance to study. 
A grain of pollen consists of a small 
sphere covered with hairs. Striated mark- 
ings on the pollen grain indicate the 
plant species to which it belongs. These 
minute grains range in size from a few 
hundredths of a millimeter in diameter 
(no thicker than a hair) to about a 
thousandth of a millimeter in diameter. 

Using a microscope to observe pollen 
grains immersed in water, Brown dis- 
covered that the grains were in constant 
and irregular motion. Each grain was 
constantly changing position; moreover, 
the smaller the grain, the greater the dis- 
tance covered between changes in direc- 
tion. 

Brown was unable to explain this mo- 
tion. Scientists know today, however, that 
he was the first man to penetrate the fre- 
netic world of molecules. This quivering 
of microscopic particles immersed in 
liquids is called Brownian movement in 
honor of its unknowing discoverer. 


MOLECULAR COLLISIONS 


The atoms of solids, liquids, and gases 
are in constant motion. In the case of 
solids, the atoms or molecules are con- 
fined to certain positions in space, al- 
though they oscillate around these posi- 
tions. The extent of these oscillations 
increases with temperature. In the case 
of liquids and gases, on the other hand, 
the atoms or molecules are free to change 
position throughout the entire mass of 
the substance. During this motion these 
particles naturally come into contact with 
other particles; the result is an enormous 
number of collisions. In the case of sub- 
stances with low atomic or molecular 
weights, the speed with which the par- 
ticles shift position may amount to hun- 
dreds of meters per second. This high 
speed partly explains why the move- 
ments of molecules cannot be followed 
directly. The other reason is that no op- 
tical microscope is powerful enough to 
bring molecules into focus. It is Possible, 
however, to watch the effect of molecular 
collisions on particles somewhat larger 


than the molecules themselves. The par- 
ticles being bombarded, of course, must 


be large enough to be seen through an 


optical microscope. This i: done by im. 


mersing the particles in 2 s or liquid, 
Molecules do not all mc > at the same 
speed, although the avers speed of the 
molecules of a given subs'. -ce at a given 
temperature is more or s the same, 
Molecules of air, for exar ©, move ata 
speed of about 500 m/se — about 1,600 
ft/sec). What happens, wever, if a 
molecule of nitrogen, or of oxygen, 
collides with a particle © nother sub- 
stance such as cigarett moke? The 
smoke particle, as a result he collision, 
rebounds at a speed in. ly propor- 
tional to its mass. Now, smoke par- 
ticle has a mass ten millio ‘imes that of 
a molecule of air, the mol le of air will 
come out of the collision . more or less 
its original speed. The ike particle, 
however, will increase in = -ed by about 
0.05 mm/sec (about 0.00  in./sec)—ex- 
actly one ten-millionth © he speed of 
the air molecule (oxyge: nitrogen). 
A particle this size is stil! small to be 
seen through an optical roscope. 
Assuming the smoke } le is com- 
posed of heavy atoms (lii hose of air) 
at a distance of about 3 Angstroms) 
from each other, it can | imagined as 
a cube whose sides equal to 
3+3/10,000,000 = about A. Since 1 
A equals 0.0001 um (mi: :), the par- 
ticle has a diameter of it 0.065, or 
1/16, of a micron. This p- s it beyond 
the capacity of an ordiny optical mi- | 
croscope, although not ar tical micro- 
scope equipped with a sp: al device to 


be described later. 

A small percentage of moiecules move 
at a much higher speed (sometimes ten 
times higher) than the average. It may 
also happen that more than one molecule 
collides simultaneously and in the same 
direction with the smoke particle. The 
particle, if immersed in a gas, is thus 
surrounded by several thousand mole- 
cules, each of which collides with i 
neighbors, and sometimes with the in- 
truding particle. About 5 billion collisions 
occur each second. Some of these C0" 
lisions will obviously be more violent 
than others. This is why particles of the 
order of 0.001 mm (1 um) or less demon- 
strate the existence of molecular mov 
ment. 


| 
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slides fas between two microscope 
arncint ini place at one end with a small 
mounted a Canada balsam. The slide is 
enlarging na good microscope capable of 
must be it to 1,000 diameters. The slide 
all the a sufficiently to make out 
not be toe ts in the suspension, but it must 
make out i right. With practice the eye can 
graine deara ey smaller grains. The 
ion 2a). Th are the smallest of all (Illustra- 
- "Nese appear as green specks a on 


the light green background of the drop of 
liquid. The microscope is now focused on one 
of these grains (preferably in a group of other, 
larger grains b that can act as a point of ref- 
erence). Instead of remaining stationary, the 
grain vibrates and moves around its position 
of equilibrium. (Sceptics will say the vibration 


is caused by movement of the laboratory 
bench. Prove that this is not so by observing 
the particle motion when the bench really is 


rocking). 


Over a long period of observation, the 


particle will move in an irregular fashion. It 
will oscillate in all directions and at varying 
distances in a quite unpredictable manner. 
Illustration 2a, taken with a short exposure 
time, shows all the particles stopped in ac- 
tion. Illustration 2b, however, photographed 
under the same conditions but with a longer 
exposure time, demonstrates how the larger 
particles b appear sharp and clear because 
they were stationary during exposure. The 
smaller ones appear blurred because they 
were in motion. (1,500 X) 
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AN IMPROVED METHOD OF OBSERVATION 
—The microscopic observation method de- 
scribed above is the simplest from the Point of 
view of the equipment needed. The result, 
however, is not as clear as it might be. The 
difficulty derives from the fact that molecular 
Collisions in a liquid are much weaker than in 
a gas, and also that the particles are not much 
larger than the resolving power of the micro- 
scope. 

This problem is solved by using an ultra- 
microscope. This device consists of an ordi- 


nary microscope equipped with an accessory 
that projects light onto the slide, but not 
into the microscope itself. The result is that 
the field of vision is completely dark. The light 
may be directed either from the side (Illustra- 
tion 3a), or from below (Illustration 3b). When 
these light rays strike a Particle (it may be 
smaller than even the smallest object visible 
as a shadow), the rays it deflects around itself 
enter the microscope's field. The particle, or 
the light scattered by it, therefore, becomes 
visible. This method reveals particles much 


ta Pi over 
i tic in m 
energe! y micro- 


smaller (and much more s 

x a 
ment) than those visible by ordin: 
scopic methods. 


cles suspended in a gas 5 

gas are much farther apart tan 

This means that a particle of smo! SB 

ple, covers much larger disat sular 
collisions. The effect of the mo obvi 
sions will, therefore, be much eae expel! 
For this kind of observation, how 

skills in microscopy are require 
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frequency or the rotational energy levels 
of the molecule must be calculated. This 
can be done with the aid of infrared spec- 
troscopy. 

As molecules vibrate, emissions or ab- 
sorptions in the infrared range of the 
spectrum are created, These frequencies 
can be observed at wavelengths in the 
neighborhood of 10 um (microns) with 
relatively simple and inexpensive equip- 
ment commonly found in laboratories. In 
fact, the radiations produced by molecu- 
lar vibrations can be used as a means of 
chemical identification. 


cules is indicated by a set of arrows showing 
schematically the extent of each atom’s mo- 
tion. 

Illustration 1a is a typical diatomic mole- 
cule in which the atoms are shown to move 
in opposite directions. In fact, this is the only 
type of vibration possible in such molecules. 
The motions of the atoms, or their displace- 
ments, are determined partially by their 
masses, the heavier atom moving in a shorter 
range than the lighter one. Note that the 
molecule’s center of gravity remains un- 
changed even though the atoms are in con- 
stant motion. 

In a triatomic molecule such as that of 
water in the gaseous state, shown in Illustra- 
tion 1b, atomic motion becomes more com- 
plex. In a water molecule, the two hydrogen 
atoms and the single oxygen atom are linked 
in a manner that forms a bond angle of about 
405°. Illustration 1b shows the different possi- 
bilities for atomic displacement in molecules 
of this type. In fact, the vibrations of a water 
molecule represent those observed in triatomic 
molecules of the XY, variety in which the indi- 
vidual atoms are not arranged in a straight 
line. 

To indicate vibration frequency, scientists 
use a figure corresponding to the number of 
waves, or cycles, transmitted by a molecule 
within precise limits. In infrared spectroscopy, 


infrared vibration spectra 


On the other hand, rotational energy 
and its rotation spectra require somewhat 
more sophisticated equipment for direct 
observation. These transitions are found 
in the microwave region of the spectrum, 
and the instruments for detecting them 
are often beyond the financial reach of 
the general laboratory. Fortunately, cir- 
cumstances allow rotation spectra to com- 
bine with vibration spectra or electron 
transitions. Such conditions displace the 
more easily observable emission spectra 
toward the visible wavelengths to permit 
analysis by relatively simple means. 


vibration is conveniently expressed as cycles 
per centimeter (or cm-'), and from this the 
actual wavelength can be found simply by 
taking the reciprocal of the cm-' value. 

In the case of the three water molecules in 
Illustration 1b, the vibration frequencies in 
cycles per centimeter are, from left to right: 
3,657.05, 1,595.00, and 3,775.79. 

Carbon dioxide is an example of a linear 
XY, molecule, and is shown in Illustration 1c. 
Here, it is represented by a carbon atom 
flanked by two oxygen atoms. The molecule’s 
vibrations are the result of several causes: by 
an alternate lengthening and shortening (shown 
on the left), by deformation into a “V” shape 
(center), or by displacement of the atoms in 
opposite directions (right). In the first instance 
there is no variation of the electric moment 
caused by the vibration since there is no 
change in the molecule's center of gravity. 
Hence, there is neither emission nor absorp- 
tion in the infrared range, and this frequency 
is said to be inactive in the infrared. However, 
combinations of this vibration with others have 
been observed, in which case the sum of the 
vibrations is manifested as a harmonic or 
combination of the other vibrations. In the 
second and third instances, the frequencies of 
the carbon dioxide molecule are 667.3 and 
2,349.3 cycles per centimeter, respectively. 
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CHARTED INFRARED VIBRATION SPECTRA— 
To prepare readings of this type, infrared radi- 
ation is passed through a known volume of 
gas or liquid. A spectrophotometer capable of 
detecting the radiation enables visualization 
of the absorption bands caused by molecular 
vibrations. 
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The graph shown represents a recording of 
the infrared absorption bands of water (in the 
upper section) and carbon dioxide (seen in the 
lower portion of the graph). The tracing for 
water peaks at about 3,657 and 1,595 cm-’, 
while the peaks for carbon dioxide occur 
around 2,349 and 667.3 cm-'. In this graph, 
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$ 
the scale at the bottom indicates wavelengths 
in microns with corresponding values in icin 
at the top. The percentage of absorption Be 
dicated at the left. In the case of wee of 
mum absorption is in the neighborhoo! maxi 
percent; in the case of carbon dioxide, 
mum absorption is about 74 percent. 
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(Rayleigh scattering). If the particles of vapor 
are large enough, Tyndall scattering or dif- 
fusion can result. Smoke and fog, whose par- 
ticles are of considerable dimension, provide 
good examples of such normal diffusion. Indi- 
vidual molecules may create the same effect, 
although with much less intensity. 

While the eye can perceive the light that is 
laterally scattered by smoke, such is not true 
when pure water scatters light. Here, though 
there is a degree of normal scattering, there 
may also be anomalous scattering when the 
radiation causes molecular vibration or when 
the molecules lose energy by passing from 
one vibrational level to another. In the first 
case, the molecules absorb energy from the 
radiation, while in the second instance energy 
is emitted. In either circumstance, variations 
in energy always occur in specific amounts. 

Illustration 3b is the scattering spectrum of 


However, by the study of mechanical models, 
information can be obtained that approximates 
data produced by sophisticated research 
(x-ray diffraction studies, for example). 

From the illustration, it is obvious that if an 
atom a in the center of the chain vibrates, a 
large number of other atoms will also be 
caused to vibrate. On the other hand, the 
atoms making up a radical b can vibrate al- 


pure water. The broad, intense line at the 
center is caused by diffusion without a cor- 
responding modification in wavelength—the 
Rayleigh effect. On both sides, the equidis- 
tant and progressively weaker lines represent 
scattering in which the molecules have be- 
come excited or have lost energy. If lines of 
this type are to be clearly seen, a spectro- 
scope with a bright optical system must be 
used. Exposures of the quailty seen in this il- 
lustration often require sensitive film exposed 
for hours or perhaps days, or require the use 
of extremely intense sources such as a laser. 
The total picture represents the Raman effect. 

The Raman effect makes possible the ob- 
servation, using visible light, of transitions 
between vibrational energy levels. Until the 
advent of modern equipment, such as the 
infrared spectrometer, this research method 
was widely used. 


most as freely as though they were isolated 
molecules. Thus, the vibration frequencies of 
the radicals can be studied separately. Know- 
ing the vibration frequency of the principal 
chain, and combining this with what can be 
learned from the groups linked to the chain, a 
composite picture of the entire molecule can 
be achieved. 
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DIATOMIC MOLECULES | 


ELECTRON TRANSITIONS IN CN RADICALS 
IN THE FLAME OF AN ARC—lilustration 1a 
shows the flame of a carbon arc. The outer- 
most part of the flame contains unstable CN 
particles. These particles are produced when 
the carbon of the electrodes comes into con- 


Spectrum analysis leads to the structural 
and mechanical characteristics of di- 
atomic molecules; that is, to the internal 
movements that are possible by the two 
atoms within a diatomic molecule. The 
results of such analyses can then be ap- 
plied to polyatomic molecules—molecules 
that consist of more than two atoms. 

A diatomic molecule behaves some- 
what like a vibrating rotor; that is, like a 
pair of heavy point-sized masses that 
vibrate while they rotate. Such a par- 
ticle can emit vibrational and rotational 
energy in the form of electromagnetic 
quanta. The energies of these quanta de- 
pend on the initial and final energy states 
of the emitting molecule. Not all energy 
transitions are possible—only those per- 
mitted by specific rules. 

The characteristic spectrum of each 
molecule is determined by the energies 
of the various levels and the selection 
rules governing transitions between the 
levels, 

Study of rotational or vibrational spec- 
tra in diatomic molecules presents a num- 
ber of difficulties because the radiation 
emitted falls within ranges of wave- 
lengths not easily explored—the near and 


3,883 A 


tact with atmospheric nitrogen. CN radicals 
decompose at ordinary temperatures. This 
carbon arc served as the source for all of the 
spectra shown in this article. The CN spectrum 
of the sun Is produced in a manner analogous 
to what happens in the carbon arc. (The CN 


middle infrared in the case of vibrational 
spectra, and the farther infrared or the 
microwave range in the case of rotational 
spectra. The task of analysis can also be 
accomplished when the molecule under- 
goes a vibrational or rotational transition 
at the same time it undergoes an elec- 
tronic transition; that is, at the same time 
that it emits a photon. Another method 
uses the loss or gain of a quantum of en- 
ergy in a light beam. This is known 
as the Raman effect; it is used to deter- 
mine the vibrational spectrum of a mole- 
cule. The other example is that of the 
complex spectrum associated with ex- 
cited molecules at high temperatures. 
An electron of an atom within a di- 
atomic molecule may change its energy 
level inside the molecule. This is the 
case for the electrons of a hydrogen atom 
free to move about in space and not sub- 
ject to the action of any external force. 
If the electron undergoes an energy level 
change in an atom that is bound to other 
atoms within a molecule, then the energy 
levels will no longer be the same as they 
would be if the atom were free. The 
energy jumps that an electron may un- 
dergo inside a molecule, however, are 
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to the CN radical. In some stars it is even 
possible to record the spectrum of molec- 
ular carbon, and to determine the ratio 
between the various carbon isotopes. 
These isotopes give rise to similar and 
overlapping spectra with lines of differ- 
ent intensities. Intensities vary in propor- 


tion to the abundance of the isotopes. 
The rotational and vibrational spectra 
of the diatomic radical CN are significant. 
The spectra shown can be obtained easily. 
It is necessary only to set up a carbon are; 
the spectrum of the CN radical will be 
produced in the flame of the arc. 


EE 


{UCTURE—The actual 
vewhat more complex 
2d. This is so because 
le the electron goes 

lower energy level 
\taneous liberation of 


į 
] 2 
ji ji 3 
i 2 
1 = 1 
| || I=- 0 
| | | L 8 
tt — | | é 
5 
| = 4 
| fis 
| a i = _2 
l = am 
-m | Ss i 
b 
| 
i i ie E E 
02 0-1 0:0 T0 
OF2 04 0+0 
43. 1} H 140 
2h4 2 242 241 
345 3 33 372 
476 aa 
547. 4 515 
618 € 616 3 
e 
|4,737 A 
[0-2 
ho teen 


iial 


Rai 


i4 


' 


s» esan 


vibrational energy. In other words, a molecule 
experiencing a collision increases its vibra- 
tional energy. This is quite distinct from the 
excitation of an electron to a higher energy 
level. Later, when the electron degenerates 
and liberates energy in the form of electro- 
magnetic radiation, the vibrational energy also 
decreases. Because the two energies are ad- 
ditive, the molecule emits a photon whose 
energy does not correspond to the electron 
transition alone. The energy is greater; it cor- 
responds to the sum of the electron energy 
and the vibrational energy. 

Illustration 2a shows the electron energy 
levels of the CN radical. At each electron 
energy level there is a series of vibrational 
energy levels. 

A transition may occur between the 0 state 
of one level and the 0 state of a lower level; 
this is the case shown in Illustration 1. In fact, 
this electron transition is the most probable 
one, at least under the conditions of the car- 
bon arc. In actuality, there are also transitions 
between vibrational state 1 and the vibrational 
state 1 of the adjacent level. In this case the 
energy liberated is somewhat greater than in 
the previous case. This means that the vi- 
brational levels in the excited electron state 
are farther apart than they are in the lower 
level of electron excitation. Similar and even 
more pronounced increases of energy can be 
noted in the transitions 2-2, 3-3, and so on. 

A particular spectral line corresponds to 
each of these transitions, as shown in Illustra- 
tion 2b (the Illustration also shows the transi- 
tions that occur between other pairs of levels). 
The total of these lines gives rise to the rather 
complex spectrum shown here in schematic 
form. Note at the center the transition 0-0 just 
described. Lines corresponding to transitions 
that involve changes of vibrational levels are 


found to the left and right. Each group of lines 
is called a vibrational band. The lines in such 
a band are either almost equidistant or tend 
to move closer together in a particular direc- 
tion. In the lower part of the diagram the lines 
are developed into a pattern of columns and 
lines. Each horizontal line of the table repre- 
sents the spectral lines generated by the same 
starting level. The inclined dotted lines show 
that the spectral lines that have a common 
finishing level have their centers aligned. 

Illustration 2c shows the CN spectrum as it 
appears in the carbon arc. This particular 
spectrum was obtained by means of a spectro- 
graph with weak dispersion capacity and a low 
resolving power. The lines corresponding to 
the various vibrational transitions are thus 
rather close together. The numbers of the vi- 
brational levels of the radical between which 
the transitions occur are shown at the top. 
The lines corresponding to the different transi- 
tions differ in intensity. Thus, several different 
spectra taken with different exposure times 
have been superimposed. The very intense 
lines can be seen clearly in the spectra taken 
with short exposure times (bottom strips), 
while the weak ones are seen more clearly in 
the spectra where the exposure was long (top 
strips). At the left of the spectrum, which ap- 
pears lighter and corresponds to the red part, 
are some groups of lines that are due to the 
analogous vibrational structure of an electron 
transition in a C} molecule. 

If the structure of the spectrum is studied 
very carefully, the lines under consideration 
are seen not to have a perfectly symmetric 
form, but rather tend to fade away. Given the 
characteristics of the spectrograph used, this 
fading is due to CN rotational transitions that 
become superimposed on the vibrational tran- 
sitions. 
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sponds to the rotational level, while the x axis 
shows the position of the corresponding spec- 
tral line. For example, —55 on the y axis cor- 
responds to a very intense line in the spectrum 
below the graph. 

A second vibrational band is located to the 
right of the spectrum. This is the band ad- 
jacent to the one at 3,883 A. Its lines are 
superimposed on the lines of the previous 
band, which are already very widely spaced 
at this point. It is interesting to note that the 
lines of the band are not all equally intense. 
The intensity of the lines diminishes as they 
approach the point at which variation of the 
rotational level is zero. In fact, the line at this 
point is missing. ‘An arrow shows where it 
ought to be. Note also that the arrangement 
of the lines in the band gives rise to a per- 
fectly parabolic curve (Illustration 3a). 

Curves such as this can be constructed for 
each of the bands observed in the spectrum. 
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These curves permit the derivation of interest- 
ing information about the structure of a mole- 
cule. For example, it is possible to deduce a 
molecule’s dimensions in the two electronic 
levels, and in each of the vibrational levels. It 
is also possible to determine the moments of 
inertia the molecule assumes in the various 
vibrational levels. It is, therefore, possible to 
predict molecular elongation as the vibration 
becomes more intense. An accurate plotting of 
the curve of the Morse potential that charac- 
terizes the molecule is also possible. 

If an accurate analysis of the positions of 
the lines is desired, the spectrum is passed 
through a microphotometer. This produces the 
traces shown in Illustration 3d and 3d’. The 
exact positions of the spectral lines can then 
be measured on these traces, giving the cor- 
rect values for their wavelengths and/or fre- 
quencies. 
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ROTATIONAL STRUCTURE—The structure of 
a molecular spectrum is far more complex than 
the one just described. In fact, to explain the 
fading of the lines observed in the previous 
illustration, it is necessary to include molec- 
ular rotation. 

This illustration shows how the energy levels 


N 
N 


of each electron state are complicated by 
molecular rotation. For the sake of simplicity, 
however, this diagram shows only the rota- 
tional structure of the vibrational levels cor- 
responding to vibrational transitions 0-0, 1-1, 
2-2, and 3-3. The CN radical is not a rigid 
rotating body. Thus, each vibrational energy 
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ilating the molecular 
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and physics, and is 
ficult. It should be 
t the values obtained 
e not utterly precise. 
The Purposes of this description do pro- 
vide insight into the techniques for mak- 
ing such determinations. 

By definition, molecular weight is sim- 
Ply the weight of a single molecule of 
matter expressed in relation to a refer- 
ence unit, The reference unit used today 
's equal to one-twelfth the weight of the 
carbon-12 isotope, and for practical pur- 
a this is considered to be a constant 

: (In the past, hydrogen was used as the 
ston for comparison. The field of nuclear 
ites has demonstrated carbon-12 to 
er E accurate measurements, how- 
a ich us, to state that the molecular 

eight of water is 18 simply means that 


a water molecule weighs 18 times as 
much as the carbon-12 reference unit. 
In practice, scientists do not deal with 
pounds or ounces, but with a quantita- 
tive unit called the gram molecule, or 
gram mole, This unit represents that 
quantity of a substance whose mass ex- 
pressed in grams is numerically equal to 
its molecular weight. Therefore, since the 
molecular weight of water is 18, this same 
figure constitutes a gram mole of water. 

From the laws concerning perfect 
gases, it is known that a gram molecule 
of any substance in the gaseous state oc- 
cupies a volume equal to 22.414 1 (liters) 
at standard atmospheric temperature and 
pressure (0° C and 760mm of mercury). 
The molecular weight of a substance can, 
therefore, be determined by measure- 
ment of the volume that a given weight 
(in grams) of the substance in gaseous 
form occupies at standard temperature 
and pressure. For example, 1 g of gaseous 
water occupies 1.2452 1 at standard 
temperature and pressure. For the same 
substance to occupy 22.414 1, 18 g are re- 
quired and this figure represents a gram 
mole of water, which, in turn, is the mo- 
lecular weight of water. 


THE EXPERIMENT 


There are several ways in which the mo- 
lecular weight of a material can be found 
experimentally, and these depend on the 
nature of the substance. Some methods 
are particularly suited to measurements 
of gases, while others are applicable to 
solid but volatile matter, and still others 
to substances that are only slightly vola- 
tile. The experiment described here is 
based on an idea developed by the 
French chemist Joseph Louis Gay-Lussac 
in the nineteenth century. 

The substance chosen for analysis for 
this experiment is the simple organic 
compound, ethyl alcohol, CH;CH:OH, 
a highly volatile liquid with a molecular 
weight of 46.07. At standard temperature 


and pressure, a gram mole of vaporized 


a volumetric 
experiment 


ethyl alcohol occupies 22.414 l—a consid- 
erable volume. For practical purposes, 
only 1 g of the alcohol is used and this 
will require a bit less than 0.5 1 of space 
when vaporized. Thus, the container for 
collecting the gaseous alcohol must have 
at least a 500 ml capacity. For this pur- 
pose, a 500 ml graduate serves admirably, 
although a graduate of greater capacity 
could be recommended to facilitate the 
taking of readings and to make provision 
for error. 

The causes of errors and the methods 
for correction are concerns for any ana- 
lytical experiment. Those endemic to the 
determination of ethyl alcohol’s molecu- 
lar weight in the experiment under con- 
sideration are: 

1. Inaccuracy in weighing the sample. 
One gram of liquid ethyl alcohol is ap- 
proximately equal to 1.03 cm*. However, 
volumetric measurement with a syringe 
requires utmost precision, so that com- 
plete accuracy cannot be assumed with- 
out the use of an analytical balance. 

2, A marked inaccuracy can occur 
when the volume reading of the vapor- 
ized alcohol is taken because all of the 
air in the system may not be forced out. 

3. Water vapor cannot be totally elim- 
inated from the graduated measuring cyl- 
inder, and this water vapor occupies a 
certain amount of space. 

Errors can be corrected to some extent 
by using calculations from tables of phys- 
ical constants, For example, a well-estab- 
lished relationship exists between partial 
pressure of water vapor and temperature. 
As indicated in the following table, in- 
creased temperature leads to a greater 
partial pressure: 
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after which the neck of the container is sealed. 
The latter can be accomplished simply by us- 
ing a material insoluble in alcohol, such as 


paraffin. 

In setting up the graduated cylinder, care 
must be taken to assure that it is completely 
filled with water prior to inversion in the bath; 
and, most importantly so as to minimize error, 
the cylinder should not be set over the end 
of the escape tube (N in Illustration 1) until 
after the water in the flask has boiled for a 
minute or so. This allows as much trapped air 
in the tube to be expelled as possible. 


volume of the alcohol, from which its 
molecular weight is calculated, can be 
determined by the following operations: 

The atmospheric pressure given at the 
time of the experiment is 735 mm, or 25 
mm less than standard pressure. The tem- 
perature is 18° C, not 0° C standard tem- 
perature. Thus, from the table of partial 
pressures, this represents 15.477 mm pres- 
sure exerted by the water vapor. There- 
fore, the volume of displaced water in 


the graduate is calculated: 


x 735 — 25 x pase = 399.0217. 


486X760 7 


Now the 18° temperature deviation 
from standard must be put into the cal- 
culation to find exact volume. This is 
done by multiplying the previous result 
by 273°/ (273+ 18°), or 0.938. Hence, 
the final value for the volume of ethyl 
alcohol vapor is 363.365 ml. 
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One very important physical property of 
matter is its relative specific gravity. For 
liquids and solids, specific gravity is de- 
fined as the ratio of the density of a sub- 
stance to the density of water at 4° C. 
The density of a substance is simply its 
mass per unit volume. 

Specific gravity varies widely from one 
substance to another. For example, os- 
mium, perhaps the most dense of all 
the elements, has a specific gravity of 
22.57, while the specific gravity of liquid 
hydrogen is only 0,07—14 times lighter 
than water and 315 times lighter than os- 
mium. Between these two extremes lie 
the specific gravities of all the other 
elements. 

The great diversity in specific gravity, 
however, is not of primary interest here. 
Instead, this article is concerned with the 
fact that small changes in the purity or 
the physical characteristics of a substance 
produce appreciable differences in its spe- 
cific gravity. As a result, determination of 
specific gravity constitutes a method of 
analysis. 

The melting point of a substance is de- 
termined by degree of purity. It is thus 
possible indirectly to measure the degree 
of purity by determining how much a 
melting point differs from the melting 
point of the pure substance. The density 
of a substance is also related to the de- 
gree of purity. While density and melting 
point are indirect measures of a sub- 
stance’s purity, they do not reveal the 
nature of the impurity, a nature that very 
often does not matter. In many cases 
when the identity of the impurity is 
known, it is more important to determine 
the degree of impurity. A typical ex- 
ample is measurement of the alcohol con- 
tent of a wine. The principal ingredient 
of wine is water. Alcohol—the additive 
substance—varies the specific gravity of 
the wine solution by lowering it. The 
specific gravity of a wine is, therefore, 
also a measurement of its alcohol content. 

Different methods are used to measure 
specific gravity, depending on whether 
the substance in question is a solid, a 
liquid, or a gas. This article describes 
measurement of the specific gravity of 
solids and liquids by means ot several 
different techniques. More complex tech- 
niques are required to measure the spe- 
cific gravity of a gas because of the diffi- 
culties inherent in the nature of gases, 


THE METHOD OF MIXING LIQUIDS—Deter- 
mining specific gravity by means of a pycnom- 
eter is difficult, if not impossible, when the 
volume of the object is very small, on the order 
1 mm or less. In such cases a more efficient 
method is required. In the method described 
here, a mixture of two liquids is prepared. 
These liquids must be miscible in all propor- 
tions. Moreover, one must have a low specific 
gravity and the other a high specific gravity. For 
the example discussed here, methyl iodide and 
benzene are used. Methyl iodide has a specific 
gravity of 3.3, benzene a value of 0.88. This 
method makes it possible to measure any spe- 
cific gravity between the two extremes repre- 
sented by methyl iodide and benzene. Note 
that this mixture is highly flammable and that 
suitable precautions must be taken. The pro- 
cedure is as follows: In a beaker a known 
quantity of one of the two liquids—the one 
whose specific gravity is lower—is prepared. 
For example, if the specific gravity of a frag- 
ment of rock is desired, a known quantity of 
benzene is poured into the beaker. The volume 
must be precisely measured, perhaps by means 
of a graduated pipette. 

Suppose exactly 10 cm? of benzene are 
placed in the beaker along with the unknown 
object. The object will sink because its den- 
sity is greater than that of the benzene. As 
carefully measured quantities of methyl iodide 
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PYCNOMETER — The pycnometer bottle pro- 
vides a relatively simple method for measuring 
specific gravity. This instrument is simply a 
glass bottle with a long neck that can be fitted 
tightly into a ground glass insert. A horizontal 
mark on the neck indicates the level to which 
the bottle must be filled with distilled water at 
a standard, specified temperature to measure 
standard density. A precision balance is re- 
quired. To measure the specific gravity of a 
solid, the following weights are obtained: 

1. The first is the weight (designated as P,) 
of the pycnometer filled with distilled water to 
the mark on the neck (illustration 1a). 

2. For the second weighing, the object whose 
density is to be measured is added to the same 
plate of the scale holding the pycnometer (ll- 
lustration 1b). This weight is designated as P3. 
3. For the third weighing, the unknown object 
has been placed inside the pycnometer, thus 
displacing some water (Illustration 1c). When 
the neck of the pycnometer is replaced after 
adding the object, the bottle is filled just up 
to the mark. This is the equivalent of having 
dropped the object through the neck of the 
bottle, and then pouring off the water above 
the level of the mark. This weight is Ps; it will 
be slightly less than weight Pz. These three 
weighings constitute all of the data needed to 
determine the specific gravity of the unknown. 
In this case, since the density of water is 
4, the numerical value of the specific grav- 
ity of the unknown object is equal to the 
weight of the object divided by its volume. 
The weight of the object is obtained by sub- 
tracting P, from weight P+. The volume of 


the object in cubic centimeters is numerically 


MINIMUM VARIATIONS OF SPECIFIC GRAV- 
ITY—The liquid-mixture method is used also 
to determine the specific gravity of substances 
having specific gravity values only slightly dif- 
ferent from that of some liquid of known spe- 
cific gravity. This applies to many plastic ma- 
terials. Using this method, it is possible to 
determine the specific gravity of polyethylene 
(which varies slightly depending on the amount 
of filler it contains) with great accuracy. For 
this measurement water is mixed with alcohol. 
Alcohol has a specific gravity of 0.7893 (the 
alcohol must be pure and free of water; other- 
wise this, too, must be taken into considera- 
tion). Since the density of polyethylene is only 
slightly less than that of the water, a few drops 
of alcohol may be added to a known volume 
of water to reduce the liquid-mixture specific 
gravity to the equilibrium point; that is, to the 
point where the polyethylene neither floats 
nor sinks. The amount of esis maia 
il d because it is small. Thus, 
ET nt will only slightly af- 


fect equilibrium, si 
of seconds to sin 
purposes it is in equi 
ity is equal to that of 


data necessary to calculate it are known. 


equal to the weight in grams of the water 
displaced: dy ọ = 1 gm/cm°. This value is 


thus Pa — P;. The specific gravity of the ob- 
ject is, therefore: 


P, =P, 
Pa = Ps" 


Several factors influence the precision of 
this determination. One, the volume of the 
pycnometer must not be too large compared 
to the volume of the unknown object. A pre- 
cise measurement of specific gravity is not 
possible if the volume of the unknown is quite 
small compared to the volume of the pycnom- 
eter. Two, the unknown object must not be 
soluble in water. If it is, it will decrease in 
volume and the calculated specific gravity will 
be incorrect. (To avoid this problem, the pyc- 
nometer can be filled with a liquid other than 
water in which the unknown is insoluble. An- 
other way is to waterproof the unknown by 
means of a protective coating. This, however, 
greatly decreases the precision of the method.) 
Three, the object must not be porous. If it is, 
its surface must be waterproofed by means of 
a thin coat of paint, or it should be soaked in 
the liquid used in the pycnometer prior to the 
actual measurements of volume but after the 
measurements of its weight. In the first case, 
the specific gravity will be low because the 
volume of the object includes air within the 
pores. In the second case, the result will be 
more accurate because a more accurate mea- 
surement of the object’s volume will have been 
used. The accuracy of a pycnometer also de- 
penas on a constant temperature. 
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CAPILLARITY | 


Capillary action, or capillarity, is one of 
the most important mechanical processes 
in nature. The process allows, for exam- 
ple, ground water to be drawn into plants 
through their root systems. 

An understanding of capillarity helps 
explain why, for example, water “climbs” 
up the threads of the corner of a towel 
soaked in water. By means of capillarity, 


the rise of 
liquid molecules 


is almost as though the fluids were man- 
ufacturing taut membranes having differ- 
ent physical characteristics from those of 
the mass. 

While a glass of water certainly can- 
not be called a container having hairlike 
dimensions, such containers can easily be 
made. So-called capillary tubes dramat- 
ically illustrate the forces at work be- 


A CONCAVE MENISCUS—Surface tension of 
water in a capillary tube causes the liquid to 
form a concave layer of molecules, or menis- 


cus. 


a sugar cube is soon soaked almost 
throughout when only one side of the 
cube is dipped in coffee. Blotting paper, 
bandages, sponges, paper towels, and 
lampwicks perform their expected func- 
tions because of capillarity, 

Capillary action is produced as a result 
of the attraction or repulsion of the mole- 
cules on a liquid’s surface by a solid con- 
tainer of hair-thin dimensions. In a glass 
of water, for example, the liquid in con- 
tact with the sides of the glass appears to 
rise above the body of water. This is be- 
cause the surface molecules of the water 
tend to be attracted toward one another. 
while at the same time those molecules i 
contact with the solid glass are attracted 
to it. Illustration 1 demonstrates this up- 
ward creeping. These forces of attraction 
result in surface tension, or the tendency 
of liquids to contract at their surfaces. It 


CAPILLARY TUBES—Slender and hairlike, 
these fragile tubes are used to demonstrate 
interesting and unusual properties of liquids. 


tween a liquid an! « solid in contact, 


JURIN’s LAW 


The theory of 
states that if a tul 
ameter is dipped 
capable of wettir 
will rise in the tul 
that of the fluid 
immersed, The s 
the tube, the gr 
liquid column. A 
states that this 1 
tional to the radi 
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llary phenomena 
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inversely propor- 
the capillary, Ex. 
mm, Jurin’s law is 


h =k where h is t {ference between 


the liquid in the 
iquid in the con- 
the capillary is 1, 
lependent on the 
molecules of the 
se in contact with 


r 

the level reachec 
tube and that of 
tainer, The radiu 
and k is a const 
force exerted by 
mass of liquid a 
the capillary wal 

To demonstrat 
tubes can be prey 
ard glass labora 
bumer. Exampk 
this way are shc 

Once the capi! 
each representin 
lengths of about 
should be mount 
tion 3. The vertic 
ing members are \ 
held on the horiz 
insoluble adhesiv: 
tend below the k 
dish. To better \ 
this experiment, the 
any soluble dye (food coloring $è 
quite adequately ). 4 

Once the ends of the tubes are im 
mersed, it is immediately seen that the 
water rises to the highest levels in the 
capillaries with the smallest diameters. 
However, to verify Jurin’s law, the £ 
ternal diameter of the capillaries ee 
be measured. One way to do this K 4 
weighing the empty tubes on an m a 
ical balance. This figure subtracted 1o 
the weight following immersion W! id 
dicate the weight of the water. Frome 


iis law, capillary 
by drawing stand- 
tubing in a gas 
ubes prepared in 
Illustration 2. 
have been drawn, 
ifferent diameter, 
m (about 4 in) 
shown in Illustra- 
d horizontal fram- 
|. and the tubes are 
piece with water- 
ve tubes must et- 
if the water in the 
lize the results of 


vater is colored with 
ves 


the diameter can be calculated on the 
basis of the capillary’s length, or of that 


portion of it fi with water. For exam- 
ple, if the wei lifference is seen to be 
3 mg in a tub- > cm long, the internal 
diameter of t pillary is about 0,028 
mm. Another rd uses direct observa- 


A QUARTET OF CAPILLARIES—The colored 
water shows clearly that the level to which a 


tion. In this case, a small segment of the 
tube is inserted vertically into some mod- 
eling clay on a microscope slide. Under 
low power, the diameter of the tube is 
compared to a scale or to some object 
whose exact dimensions have been de- 
termined previously. 


THE EFFECT OF 
TEMPERATURE 


Early experimenters did not take into ac- 
count the variation of surface tension 
with temperature. The rise of liquid in a 
capillary tube was supposed to vary 


liquid will rise in a capillary tube is dependent 
on the tube’s diameter. 
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UNEQUAL RISE OF EQUAL VOLUME—This 
connecting vessel demonstrates the power of 
capillarity. Although the liquid rises higher in 
the capillary, the volume of water is identical 
in both legs of the U, 


ee 


merely because the density of liquids var- 
ies. Experiment has shown, however, that 
surface tension itself—and hence capil- 
larity—in all cases diminishes with rise 
in temperature. That it will tend to di- 
minish to zero can be inferred from the 
notion that at the critical state, a liquid 
and its vapor will become identical; the 
tension at the interface must then be 
zero. 


CONNECTING CAPILLARIES 


The principle of connecting vessels states, 
in essence, that a liquid rises equally in 
all containers having a common base. In 
preparing this demonstration, one section 
of the communicating tube must be 
larger in diameter than that of the capil- 
lary. Otherwise, the experiment will seem 
to contradict the principle. 


Illustration 4 shows a connecting ves- 
sel constructed from a piece of standard 
glass tubing. Starting with a tube at least 
10 cm long, the U is formed in a Bunsen 
burner, with one leg of the U longer than 
the other. The longer section is drawn 
into a capillary. 

When filled with water, the liquid rises 
to apparently different levels in the two 
sections of the U, apparently disproving 
the principle. In fact, the volume of water 
contained in the sections is identical. 


ANOTHER HYDROSTATIC 
EXPERIMENT WITH 
CAPILLARIES 


In this demonstration, shown in Illustra- 
tion 5, two types of capillary are used. 
One has a wider base than the other, and 
is nothing more than a piece of the stock 
from which the fine capillary is drawn. 
Both pieces should be about 10 cm long. 
Before immersion in the dish of water, 
the larger tube must be filled with liquid, 
at least above the point at which it nar- 
rows into the capillary. When both tubes 
are dipped into the water in the dish, 
the liquid rises to the same level in each. 
This demonstrates that the liquid in the 
tube having the large base is sustained 
above the liquid in the dish by capillary 
attraction in its smaller section. 


MOLECULAR STRENGTH—The slender capil- 
lary section of the tube on the left supports 
the proportionately greater volume of water 


CAPILLARITY AND THE SOIL 
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liquid's mole- 


EQUILIBRIA BETWEEN 


vanes” 


TWO PHASES | 


A later artic vill discuss solid-liquid 
equilibrium .o-component systems. 
This article ues the study of two- 
component s ©, but extends consid- 
eration to lii juid equilibrium and 
liquid-vapor ibrium. An important 
application © id-vapor equilibrium is 
fractional di m, the process used 
whenever p! to separate the pure 
components liquid mixture of two 
substances. : lerstanding of liquid- 
liquid equili| is thus most useful for 
extraction or ‘tration of a substance 
by means of ig it between two dis- 
tinct solvent 1S. 

LIQUID-LIỌ EQUILIBRIUM 
Two liquids + ` soluble in each other 
in all propor: (water and methyl al- 


cohol, for ex: 
tially miscil 


) or they may be par- 
classic example of 


partially mis liquids is the system 
consisting of and ether. 

If a small y of ether is added to 
water in a | nd stirred, the ether 
dissolves. As ether is added, how- 
ever, two la orm. The lower layer 
has a greate; ity and consists of a 


saturated soli 
upper layer, 
rated solutio: 
Another vw 
system consi 
As Illustratio: 
the two subs 
creases as th 


of ether in water. The 
er, consists of a satu- 
vater in ether. 
own example is the 
of water and phenol. 
shows, the solubility of 
ces in each other in- 
temperature increases. 
Stratification di ıppears, however, above 
69°C (156.2° F) and the two substances 
become completely miscible. This tem- 
perature is known as the critical solution 
temperature (B in Illustration 3). 
Illustrations 4a, 4b, and 4c show the 
behavior of a mixture having the compo- 
sition f (see Illustration 3) at three dis- 
tinct temperatures; 30° C, 69°C, and 
80°C (86° F, 156.2° F, and 176° F). 
Illustration 4a shows the formation of 
the two layers, The two solutions in equi- 
brium are at points e’ and e” in the 
pph, The solutions have the concentra- 
ions shown along the horizontal axis. 
he system shown in Illustration 4b is 
at the critical point B. The clearly visible 
Spalescence is called the critical point 
Panta Finally, in Illustration 4c, 
i system is at point d in Illustration 3. 
ìs is a single liquid phase. 


liquid-liquid and 
liquid-vapor equilibria 


1 (100 %/o) composition 

LIQUID-VAPOR EQUILIBRIUM—In Illustration 
1a curves of vapor pressure are plotted against 
composition (with temperature constant); in 
Illustration 1b, temperature is plotted against 
composition (with pressure constant) for a mix- 
ture of two liquids. If a mixture having the 


2 (100 %o) 
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1 (100 %/o) composition 2 (100 %o) 
composition f at temperature T, is considered, 
the result is a liquid with composition a in 
equilibrium with a vapor having composition a’. 
At temperature Tp, on the other hand, a liquid 
having the composition b is in equilibrium with 
a vapor having the composition b’. 


2 


temperature 


1 (100 %/0) composition 
EXAMPLES OF AZEOTROPIC MIXTURES — 
The azeotropic mixture in Illustration 2a has a 
vapor pressure greater than that of the pure 
components. There will, therefore, be a min- 
imum on the boiling curve. In Illustration 2b, 
on the other hand, the azeotropic mixture has 


~~ 2 (100%) 1 (100%) 
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composition 


a maximum in the boiling curve (and a mini- 
mum in the vapor pressure curve). 
If the pressure is constant, the composition 
of the azeotropic mixture remains constant 
(point A in both graphs). 
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composition phenol (100%) 


THE WATER-PHENOL PHASE DIAGRAM— 


Water and phenol are partially miscible. Once 
a certain concentration is reached, however, 
the phenol will no longer dissolve in the water. 
This is equally true with regard to the solubility 
of water in phenol. Two liquid layers will thus 
be formed, one containing an excess of phenol 
and the other an excess of water, The recipro- 
cal solubility of the two substances becomes 
greater as the temperature increases. ABC is 
the solubility curve. 


oe ee I 

There are also cases of systems (such 
as the one shown in Illustration 5) that 
have an inverse critical temperature; that 
is, systems in which the reciprocal solu- 
bility of the two liquids diminishes as the 
temperature increases, 

Illustration 6 shows the unusual system 
consisting of water and nicotine. This 
system displays a completely closed zone 
of miscibility, Therefore, the system si- 
multaneously possesses both an upper 
and a lower critical solution temperature, 

The presence of impurities in systems 
such as these, even in minute quantities, 
normally causes considerable variation in 
the location of the critical point. This 
phenomenon can be exploited, however, 
for determining the degree of purity of 


some compounds ( hydrocarbons, for ex- 
ample). 


LIQUID-VAPOR EQUILIBRIUM 


In the most general case, mixtures of two 
liquids display neither maxima nor min- 
ima in the vapor pressure versus compo- 
sition curves. Two different graphical 
representations are possible. These are 
shown side by side in Illustration 1. In 
the first case (Illustration la), tempera- 
ture is kept constant and the pressure 
of the system is plotted against composi- 
tion. In the example shown, substance 1 
has a greater vapor pressure than sub- 
stance 2 at the same temperature. It is, 
therefore, more volatile. The graph also 
shows the areas of stability of the liquid 
and vapor phases. 

In the second case (Illustration 1b), 
which is of greater practical interest, 
temperature is plotted against the com- 
position of the mixture, with pressure re- 
maining constant. The more volatile sub- 
stance 1 boils at a lower temperature 
than substance 2, The vapor curve is 
above and the liquid curve below, 
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BEHAVIOR OF A WATER-PHENOL MIXTURE— 
Consider the behavior of a water-phenol mix- 
ture with composition f (see Illustration 3). At 
a 


Consider a mixture having the cnt 
position f (Illustration 1b). At tempera 
ture T, the equilibrium system will oon, 
tain a liquid having composition a anda 
vapor having the ‘position shown at 
point a’. If the t ‘rature is now jp. 
creased from T, , the Composition 
of the liquid phas change from a tg 
b, while the cor ion of the vapor 
phase will chang 1 a! to b’, As the 
phase diagram no matter what 
the composition liquid phase, the 
vapor phase in e ium with it is al. 
ways richer in tl volatile compo. 
nent (substance Illustration 1b), 
This rule, called } iloff’s rule, is the 
basis of fractiona llation. 

Fractional disti \ is a process that 
uses successive d ons to separate a 
liquid mixture o components into 
the pure state ample, nitrogen 
(boiling point —19 and pure oxygen 
(boiling point — 1 are prepared by 
the fractional di n of liquid air. 
Not all mixtures « iquids, however, 


presented by point 
yers that have the 
y e and e” (Illus: 


a temperature of 3( 
e), the mixture forn 
composition represe 


behave as in the example shown in Illus- 
tration 1. 

In many instances liquid-vapor equi- 
librium mixtures have a vapor pressure 
that is either geester (Illustration 2a) or 
smaller (Illustranen 2b) than the vapor 
pressures of the re components. Such 
systems are kno s azeotropic mixtures 
—mixtures that unchanged. 

It is not pos o separate the com- 
ponents of th ystems by fractional 
distillation. In t does not matter if 
the fractional lation starts with a 
mixture conta n excess of compo- 
nent 1 or a m! ontaining an excess 
of component vither case, the dis- 
tillation produ | consist of a pure 
component an nixture of the two 
components. ‘|! ixture will have a 
unique compo known as the azeo- 
tropic composi! ad the system is said 
to exhibit mas or minimum azeo- 
tropy. If the ure is constant, the 
azeotropic con m will always boil 
at a given tem} ire. 
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t 
1(100%) composition 2(100%) 
A SYSTEM WITH A LOWER CRITICAL SOLU- 
TION TEMPERATURE — As this graph shows, 
the reciprocal solubility of the two components 
1 and 2 diminishes as the temperature in- 
creases. 


perature or critical mixing point (Illustration 
4b). Finally, at a temperature of 80° C (point 
d), a clear mixture is produced (Illustration 4c). 


An example of an azeotropic mixture 
having a boiling point lower than either 
of the pure components is water (boiling 
point 100°C) and pyridine (boiling 
point 116°C), This mixture forms an 
azeotrope that contains 60 percent pyri- 
dine and boils at 91° C. 

An example of an azeotropic mixture 
having a boiling point higher than either 
of the pure components is acetone (boil- 
ing point 56° C) and chloroform (boiling 
point 61° C). This mixture forms an azeo- 
trope containing 80 percent chloroform; 
it boils at about 65° C. 

In order to understand the curves of 
Illustration 2, the analogous curves of 
Illustration 1 should be referred to. The 
curves of Illustration 2 consist (in a 
purely formal manner) of the two sim- 
pler curves of Illustration 1. Point A 
identifies the azeotropes. 
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water (100%) composition 


THE WATER-NICOTINE SYSTEM—In this ex- 
ample there is an upper critical solution point 
A (T, = 209° C) and a lower critical solution 
point B (Tẹ = 61°C). 
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SOLUBILITY 


When a substance (the solute) is placed 
in a liquid (the solvent) capable of dis- 
solving it, a solution forms. The term 
solution is applied to physically and 
chemically homogeneous mixtures con- 
sisting of two or more components whose 
composition can vary in a continuous 
manner within well-defined limits. It is 
important to note that solute particles 
must be dissolved to form a solution. If 
the solid particles are suspended in the 
liquid, the mixture is called a suspension 
rather than a solution. 


| solid-solution equilibria 


THE CONCENTRATION OF 
SOLUTIONS 


The term concentration defines the quan- 
tity of solute present in a given quantity 
of solution. Concentration can be ex- 
pressed in various ways: 


1. Grams of solute per 100 g of solu- 
tion (percent by weight). 

2. Weight of solute per unit volume of 
solution. 

3. Volume of solute per 100 volumes 
of solution (valid only in the case 
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SOME SOLUBILITY PRODUCTS AT 


ROOM TEMPERATURE 


Al(OH), 


10-* 


6 - Cu(OH), 


Pb(OH), 


Fe(OH), _ 


+ PbCrO, 


Ca(OH), 


Ag.CrO, 


10" Cuco, 2+ BaCrO, 


8 - Ca(OH), 


of solutions consisting of liquids 
percent by volume ‘ 

4. Weight of solute pe: 
solvent. 


init weight of 


In more specific che: 
centration can also be « 


| terms, con- 

essed as: 

1. The number of m 
liter of solution (1 


2. The number of 
added to a liter o! 


of solute per 
ity). 

es of solute 
solvent (mo- 


lality ). 

3. The number of ivalents per 
liter of solution vality), 

4. The ratio of the ber of moles 
of a component . 1e total num- 
ber of moles of mponents of 
the solution (mo ction). 
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THE LAW OF MA‘ TION 


hen it can pro- 
ı (with forma- 
the other (with 


A reaction is reversib 
ceed either in one dir 
tion of products) or 
formation of the original reagents). The 
actual direction of a reaction depends on 
the conditions under which the process 
is taking place. Equilibrium occurs when 
the speed of reaction is the same in both 
directions. For example, 

Vi 

A+B=C+D 

V: 
where V, and Vz are the forwar 
reverse reaction speeds. 

The speed of a reaction at 

temperature is directly proportiona! 
the concentrations of the reacting species: 


d and 


constant 


This is expressed as follows: 
=k, [A] [B] 
= kə [C] [D], 
where [A] |. [C], and [D] are the 
concentrat of the reacting species 
Under « rium conditions V, = 
therefore, 

k B] = kə [C] [D]. 
Dividing des by kə and also by 
[A] [B] y 

kı/ 1] [D] / [A] [B]. 


However he ratio of two constants 


is also a < it, the expression can be 
simplified 

| [D] / [A] [B]. 
This is kn the law of mass action. 
It is also k s Guldberg and Waage’s 
law. K is the equilibrium constant 
for this re 
SOLUBI! RODUCT 
Considerii lution of salt XY in the 
presence í solved salt, the follow- 
ing relatio! olds: 

2X Y=. 


(solution ) 


The law o .ction might be applied 


to this cas ıs been found not to be 
completely however, for strong 
electrolyte ough strong electrolytes 
should be tely dissociated in solu- 
tion, this is the case because the op- 


positely ch 
This must | 
law of ma 


| ions attract each other. 
iken into account if the 
tion is applied. Thus, a 
correction « icient—the so-called activ- 
ity coefficic becomes necessary. The 
concentration of the electrolyte as if it 
were completely dissociated must be 
multiplied by this coefficient. 

__In the case of a strong electrolyte that 
is only slightly soluble, the saturated so- 
lution will contain comparatively few 
ions. In this case, the law of mass action 
can be applied. 


[X+ Y] 
koe Ri 


Because some undissolved salt is in 
equilibrium with the solution, the value 
of the denominator of the fraction is con- 
stant, Moreover, the small quantity of salt 


o solubility in g of anhydrous solute per 100 g of water 


SOLUBILITY CURVES OF SOME SALTS IN 
WATER — This graph shows the solubility 
curves of several different salts in water. The 
temperatures are plotted along the x axis; the 
y axis shows the solubility in grams of anhy- 
drous solute per 100 g of water. At a given 
temperature, the concentration of solute in a 
saturated solution is called the solubility of 


that dissolves can be considered com- 
pletely dissociated because the salt is a 
strong electrolyte. The following expres- 
sion can therefore be written 


Ky =K [XY] = [X+] [Y7] 


The new constant Ky, is called the solu- 
bility product of the salt XY. Its value 
remains constant for a given solute and 
a given solvent at constant temperature. 
Tt is not, however, necessary to have un- 
dissolved salt in order to have a satu- 
rated solution. Rather, it is sufficient for 
the solution to be unable to dissolve ad- 


70 80 
temperature, ° 


the substance at that particular temperature. 
As the graph indicates, many of the salts are 
more soluble in hot water than in cold water. 
The solubility of others, however, increases 
only slightly as the temperature rises. In ad- 
dition, there are some rare cases where the 
solubility decreases as the temperature of the 
solvent increases. 


ditional solute. In practice, saturated so- 
lutions are prepared as follows: A pre- 
determined volume of solvent is treated 
with an excess of solute, and allowed to 
stand until the system has reached equi- 
librium. Excess solute is then filtered out. 

Precipitation occurs when the product 
of the concentrations of the two ions in 
solution is greater than the value of the 
solubility product of the salt. At this point 
the dissolved salt will precipitate; this 
precipitation will continue until the 
product of the concentrations of the two 
ions in solution is equal to the value of 
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THE SOLUBILITY OF BORAX—Between 0° 
and 60° C (32° and 140° F) a saturated aque- 
ous solution of borax (Na2B,O,) is in equi- 
librium with the decahydrate solid phase 
(Na2B,0,+10H,0). Above 60° C, however, it 
is in equilibrium with the pentahydrate solid 
phase (Na,B,0,+5H20). The solubility of 
borax in water is always expressed as grams 
of anhydrous borax per 100 g of water, re- 


temperature, ° C 


gardless of the stable solid phase at the tem- 
perature of the solution. The y axis shows the 
concentration in grams of Na:B4O; per 100 g 
of water. As the the graph indicates, the solu- 
bility of decahydrate borax increases with 
temperature. The solubility of pentahydrate 
borax increases even more markedly with an 
increase in temperature. 


the solubility product. On the other 
hand, if a saturated solution is in the 
presence of a precipitate, the precipitate 
will dissolve if to the solution a reagent 
is added that lowers the concentration of 
one of the ions in solution. It is extremely 
important to know exactly how many 
grams of a given substance will dissolve 
in a certain volume of solvent. 

Solubility depends on the nature of the 
solvent and solute, the temperature, the 
pressure, and the interactions that take 
place between solute and solvent. Such 
interactions are the attractive forces be- 
tween molecules of solute, between mole- 
cules of solvent, and between solvent 
and solute molecules. 


With regard to the nature of solute and 
solvent, the greater the similarity be- 
tween their electrical properties, the 
greater the solubility. In other words, a 
solute that is easily ionized or dissociated 
will be extremely soluble in solvents hav- 
ing a high dielectric constant (strongly 
polar substances), while a solute that is 
not strongly ionic will tend to be soluble 
in nonpolar solvents. 

Inorganic salts, for example, dissolve 
readily in water and in polar solvents 
such as liquid ammonia, while organic 
substances are soluble in low-polarity 
solvents such as acetone, alcohol, carbon 
tetrachloride, and chloroform. With re- 
gard to temperature, Le Chatelier’s prin- 


eee 


THE SOLUBILITY OF SODIUM SULFATE—The 
solid phase of Na,SO,+10H.O is stable up 
to 32° C (89.6° F). Its solubility in water (ex- 
pressed in g of Na,SO, per 100 g of water) 
increases very markedly with temperature, as 
the graph shows. Above 32°C, however, the 

60 
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solubility in g of Na2SO4 
per 100 g of water 


stable phase is anhydrous. The solubility of 
this phase decreases as temperature in- 
creases. 

A decrease in solubility as temperature in- 
creases is found only in a very limited num- 
ber of salts. 
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ciple applies. This principle, first enunci. 
ated in 1888 by the French chemist Henri 
Louis Le Châtelier, states that if a chem. 
ical system at equilibriu» is subjected to 
a change, processes ot that tend to 
counteract that chang: F the pressure 
of a system is increase: example, the 
equilibrium displaces direction that 
leads to a decrease in wre.) The sol- 
ubility of a solid solut: ily slightly in- 
fluenced by pressure gely because 
little change takes pl he volume of 
the system during the ss of solution, 
Solubility is strongly iced by tem- 
perature, however. WI he solution of 
a salt is accompanied 1e absorption 
of heat, an increase mperature in- 


creases the solubility c salt, The re- 
verse is also true. © e other hand, 
when the solution pr accompanied 


or emission of 
ı has no effect 


neither by the absorp 
heat, temperature var 
on solubility. 
Generally, howev« 
cess is endothermic 
temperature brings 6 
solubility, In some in 
temperature is consi 
of potassium nitrate 
salt dissolve in 100 
(32°F), but this fig 
grams at 70°C (15% 
the effect is very sm 
bility of sodium ch! 
example, is practica 
increase in temperat 


solution proc- 
an increase in 
in increase in 
s the effect of 
In the case 
ample, 12 g of 
water at 0°C 
creases to 138 
In other cases 
iced, The solu- 
in water, for 
fected by an 


In the case of salt t are quite sol- 
uble in hot water (p im nitrate and 
sodium nitrate, for « sle), it is some- 


two saturated 
boiling points. 
s a solution 0 


times possible to pr: 
solutions with differ 
The first, for examp 
water saturated with potassium nitrate, 
the boiling point of this solution is 119 Cc 
(246.2° F). The second is a solution of 
liquid (molten) potassium nitrate satu- 
rated with water—its boiling point s 
310° C (590° F). Furthermore, the differ- 
ence in solubility of a solute in hot am 
cold solvents is often used in the labors 
tory for the purpose of purification by 
crystallization. For example, the pro uct 
of many organic reactions consists of aà 
mixture of substances (reactants, Pt" 
ucts, and products of side reactions) m 
which the desired product predominates: 
In such cases, a solvent is selecte m 


which the desired product is extremely 


soluble at hiz): temperatures. The hot, 
saturated so’ ‘ion is then prepared and 
allowed to « During cooling much of 
the desired uct will precipitate, while 
most of th: wities will remain in so- 
lution. A g many substances can be 
purified by ssive treatments of this 
type. The d is practical and pre- 
sents no di other than the choice 
of an appr solvent. 

THE CON ION EFFECT 

If a salt tha ın ion in common with 
the solvent ied to a solution, the 
solubility « olute diminishes. For 
example, tl vility of silver chloride, 
AgCI, in a on of sodium chloride, 
NaCl, is l in it is in pure water. 
The chloric ) ion is the common 
ion. If sod iloride is added to a 
solution o! chloride, a precipitate 
of silver ch is produced because 
the equilib: 


Na+ + Cl- 
is superimp the equilibrium 
Ag+ +Cl-, 


which has 
uct: 


lowing solubility prod- 


K Ag+] [CI-]. 


The additio he Cl- ion to the solu- 


tion thus in es the product [Ag+] 
[Cl-] to th: te Kager Since this value 
cannot be « led, AgCl will precipi- 
tate. This pi nenon is known as the 
common ion efect, 

Extraneous ious also have an effect on 


solubility. This effect, however, is quan- 
titatively smaller and qualitatively op- 
posite to the common ion effect. In fact, 
the presence of extraneous ions in a solu- 
tion increases the solubility of certain 
substances, 

This is due to the fact that the correct 
expression for the solubility product is 


Kxy = [X+] [Y~] f" fs, 


where fx and fy represent the activity co- 
efficients of X+ and Y~-. Solving for 
[X+] [Y-], 


XHY] 


Rf 


solubility in g of anhydrous 


SOLUBILITY CURVES OF SALTS—This graph 
shows three examples of solubility curves of 
hydrated salts. The solubilities of CaCl + 
6H,0, CaCl, + 4H20, and CaCl, + 2H20 all in- 
crease within their respective ranges of sta- 
bility. The solubility of Na,CO;+10H,0 also 


CaCl, - 2H:0 


Bo, po temperature? erg 


increases, but the solubility of Na,CO;+H,O 
remains almost constant as the temperature 
rises still further. Finally, the solubiilty of 
FeSO, + 7H20 increases with temperature, but 
FeSO,+H,O shows a marked decrease in 
solubility as temperature increases. 
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It is known, however, that fx and fy can 
only assume values between 0 and +1, 
and that these values depend on the 
quantity of ions present in the solution. 
Thus, since Kxy is a constant, a decrease 
in the value of the activity coefficients 
(when the concentration of ions increases, 
and an increase occurs in the attraction 
between ions) must increase the solubil- 
ity of XY. 

The effect of extraneous electrolyte in- 
creases proportionately with the valence 
of its ions. This effect also increases as 
the concentration of the electrolyte itself 
becomes greater. 

Considering the so-called law of dis- 
tribution, if a certain quantity of a sub- 
stance is added to a system of two im- 
miscible liquids, and the substance is 
soluble in both the liquids, the substance 
will then divide between the two sol- 
vents. 

This division will occur in such a way 
that the ratio between the concentra- 
tions in the two phases remains constant 
and equal to the ratio of the solubilities of 
the substance in the two solvents. In 
other words, if Ca and cp are the concen- 


trations of the solute in solvents A and B, 
then 


Ca/ Cy =K. 


This is the principle underlying extrac- 
tion with solvents, a process widely used 
in organic chemistry both for extracting 
substances from solutions or from solid 
mixtures and for purifying the substance. 

Although the term solution usually 
suggests a liquid solvent, it applies 
equally to mixtures of gases. Air is basi- 
cally a solution of gases. 

There are also solid solutions. For ex- 
ample, ordinary alum KAI(SO,)2*12H20 
and chrome alum KCr(SO,)2*12H,0 
have crystals so nearly alike in form that 
they crystallize together from a water 
solution. 

Many life processes depend on solu- 
tions. Oxygen from the lungs goes into so- 
lution in blood plasma, and the products 
of digestion are carried in solution to the 
different parts of the body. The depen- 
dence of life on the freedom of complex 
molecules in solution to move and re- 
arrange is strikingly shown by the cessa- 
tion of life processes in freezing. 
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DIFFUSION IN SOLIDS | tetera eect 


Consider the crystal lattice of a solid. can only be regarded as a first approxi- Knowledge of atomic > ucture is help- 


Ordinarily this brings to mind a stable mation. In reality, the atoms of a solid ful in understanding the. portant dif. 
and nondeformable structure whose can change their positions. Phenomena fusion phenomena. Difi 1 is the prin- 
atoms are locked in place and cannot associated with this atomic movement cipal process by whic etallic alloys 
move without disrupting the structure within a solid structure are known as dif- are formed. It also gov many of the 
itself, This view is incorrect. At best, it fusion phenomena. transformations that t: place within 
e 
DIFFUSION IN A FLUID—Consider the volume solvent that fills the entire space. Another by the more intense colora No mixing has 
of a fluid containing some other substance substance, the solute, has been added to the taken place; thus the fluid ərfectly at rest, 
shown here. The fluid may be regarded asa solvent (the solute is shown in the illustration As a result, there is a diff in the density 
1 of the solute between one of the solvent 
p space and another. Therm vements of the 
molecules, however, will le ie solute mole- 
ee cules to move about withi solvent. In this 
-— e o o i case the diffusion will place without 
further heating. 
-— The mathematical law icable to this 
— a o ee ee case is a very simple onc —D(AC). J is 
i the flow of diffusing mo! s; that is, the 
=". J number of molecules that p \rough an area 
— ee ee ee of 1 cm? perpendicular to Jirection of mo- 
tion during the course of fusion. C is the 
eminem yt ro concentration of the solute AC is a vector 
- a a i whose length is proport to the rate of 
variation of the concentra d whose direc- 
maior e e tion is toward the maxir ite of variation 
a a e a of the concentration. D, « other hand, is 
a constant that depends medium within 
a aS A which the diffusion occur on the nature 
—— o ee of the solute undergoing on. D is called 
the diffusion coefficient 
orient ore iat In this idealized expe the solute is 
— — Oe concentrated in three zo! the right zone 
| ef the concentration is h almost homo- 
geneous. In the middle d the concen- 
= b © d e f tration is somewhat lower ce again fairly 
2 
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PIAN PROCESSES OF DIFFUSION— esses of diffusion in the solid state. 
ese three illustrations show the basic proc- The first process is direct exchange (Ilus- 
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©000000 
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switch 
of dit- 


tration 2a). Two neighboring atoms 
positions. The illustration shows a pair 
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these alloys, and is 
aging. Diffusion is 
derlies a specie! 
tween metals. M: 
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tivity in the hal 
Chemical rea: 
phase plays a p 
diffusion pheno 
fusion phenome 


homogeneous. In t 
concentration is © 
mogeneous. Conse 
of these zones is 
represented by the 
right to left. There 
other hand, at th 
be and de beca: 
great in these req 
Under these co 
fusion of the solu 
will be low. The dit 
however, over the 
Nevertheless, th 
imation; it is appli 
case of liquids thi 
free to move abo: 
relatively fixed pc 
Note also that liqui 
spontaneously, oc 
laws of thermodyn 
cules concentrate: 
vent space will di 
solute density thr 
This increases the 
diminishes its free 
fusion in solids als 
be diminished. 


ferent atoms. This 
can occur between 
atoms—for examp |: 
the same element 
A second basic « 
tion across inters: 
2b). A vacancy is cr 


i 
ti 


th 


ever, creat 
then fills t 
of matter 
Cancies in ti 


'S that in all 
mi 
agai 
trati 
first 
Mov 


the process that un- 
‘ype of welding be- 


fe ue interstitial pace from a lattice posi- A further observation is suggested by Illus- 
nterstitia migrating atom can then go from this trations 2b and 2c. The presence of such crys- 
Ín itial position to another interstitial posi- tal defects as interstices and vacancies makes 


A Da basic diffusion process depends on is further confirmation that cı 
tom loo nce of vacancies (Illustration 2c). An make possible certain phenomena cl 
can mo ated in a Position next to a vacancy tic of solids. These observations prompt the 
ve over and fill the vacancy. This, how- hypothesis that an increase in temperature 
es another vacancy. If another atom produces an increase in these tyl 
his second vacancy, there is a flow and thus helps the atom: 
in one direction and a flow of va- tential barrier. Diffusion, 
Fund: he opposite direction. more rapidly at higher temperatures. Finally, 
i setae control diffusion. The first 
ree cases the diffusing atom spect to its neighbors 
epee a potential barrier. Consider chemical reaction. An 
ion 1a: seat the process shown in Illus- to one group of atoms 
and AA two atoms are stable in both the ent atoms after any one 
e from ond positions. If these two atoms movements illustrated. 
one position to the other, however, 


responsible for their 
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ver, it governs other 
including conduc- 
f the alkali metals. 
in which a solid 
e also affected by 
For example, dif- 
ocks are extremely 


D(cm/sec) 
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zone ab, however, the 
‘er, although still ho- 

the gradient in each 
These gradients are 
vectors directed from 
rger gradient, on the 
jaries between zones 

density variation is 


the speed of dif- 
rvals ef, cd, and ab 
speed will be greater, 

Is de and be. 

s just a first approx- 
only to liquids. In the 
ecules are essentially 
y do not occupy the 

of solid molecules. 
ision, which proceeds 
accordance with the 

In fact, solute mole- 

e portion of the sol- 

ontaneously until the 

t becomes constant. 
3y of the system and 

The process of dif- 
for the free energy to ff 2.2 1.8 1.4 1,0 0.6 o 
10/T(°K) 


TEMPERATURE AND DIFFUSION—Statistical 
mechanics enables calculation of the diffusion 
coefficient, which is a function of the tempera- 
ture. This coefficient D is small at low tempera- 
tures and large at high temperatures. 

The values of D are given by the expres- 
sion D = D, e7H/kT , where D is the cofficient 
at a given temperature T, where Do is the 
same coefficient at a reference temperature, 
e is the base of natural logarithms, H is an 
activation constant of the displacement reac- 
tion of the atoms, k is Boltzmann's constant, 
and T is the absolute temperature. 

It this relationship is valid, then the experi- 
mentally measured rates of diffusion at differ- 
ent temperatures will produce a straight line 
when plotted on a semilogarithmic scale. 

This diagram verifies the relationship for the 
diffusion of carbon in alpha iron. This type of 
diffusion occurs in the formation of alloys of 
iron and carbon. 


>f diffusion, however, the surrounding atoms must be displaced. 
cal or almost identical This requires a certain energy input, and con- 
tween two isotopes of stitutes a potential barrier that must be over- 

come. The same condition applies to the other 
ion process is migra- two cases. Thus, diffusion requires a certain 
positions (Illustration amount of activation energy before it can take 


ed when an atom moves place. 


the diffusion mechanisms shown possible. This 
rystal defects 


haracteris- 


pes of defects 
s overcome the po- 
therefore, proceeds 


important. In fact, cases occur where 
very rapid diffusion is possible in rocks 
because of heat. In other cases, diffusion 
takes place extremely slowly. In such 
cases the very long duration of geological 
history permits diffusion phenomena to 


occur. 


note that the movement of an atom with re- 

constitutes a type of 
atom originally bonded 
will be bonded to differ- 
of the three diffusion 
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DIFFUSION ALONG GRAIN BOUNDARIES— 
Diffusion in a polycrystalline substance occurs 
within the grains of the individual crystals. It 
occurs with greater speed, however, along the 
grain boundaries, because of structural de- 
fects at the boundaries. These defects are the 
result of sudden changes in the orientation of 
the crystal lattices and the Presence of impuri- 
ties that favor the formation of defects, There- 
fore, if a crystal is placed in contact with a 
different substance that can diffuse into the 
crystal (Illustration 4a), and the concentration 
of this substance at the various Points of the 
crystal is measured after a period of time, it 
will be noted that the density of the diffused 
substance diminishes exponentially at two 
rates (Illustration 4b). This situation is un- 
stable, however, because the diffused sub- 
stance will eventually diffuse from the bound- 
aries into the crystals themselves. Diffusion 
along the grain boundaries increases the over- 
all rate of diffusion. 
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IE KIRKENDALL EFFECT—Shown is a core 
ae alpha brass surrounded by pure copper. 
Molybdenum wires are inserted between the 
two layers of metal to mark the boundary be- 
tween the copper and the brass. If not marked, 
this boundary could easily become lost during 
diffusion. Now, if the diffusion is activated 
by heating, the molybdenum wires displace 
toward the interior of the body. This phenome- 
non, known as the Kirkendall effect, provides 
an explanation of the mechanism governing 
diffusion between copper and brass, If the dif- 
fusion occurred by means of a simple ex- 
change during which a copper atom replaces 
a zinc atom, no transport of matter would take 
place. Zinc is far more prone, however, to ex- 


The study of diffusion begins with a 
mathematical theory of the phenome- 
non. This theory describes diffusion as 
follows, in agreement with experimental 
evidence: two different substances in 
contact will diffuse into each other at a 
rate proportional to the concentration 
difference between the two substances 
and in the direction the concentration 
difference varies most rapidly. This def- 
inition is rigorously valid, however, only 
in the case of homogeneous fluids. For 
example, if lampblack is made to diffuse 
into a fluid gelatin, the lampblack will be 
distributed throughout the gelatin accord- 
ing to an exponential law that is so ac- 


change places with a vac 
change places with a c 
atoms will, therefore, lea 
readily. The copper a 
penetrate the brass so 
therefore, become riche 
not become diluted wit 
expected. These vacan 
increase in the volum 
case, the flow of vacar 
is sufficient to lower it 
porosity that is readily 

Diffusion experiment 
are of fundamental im 
the mechanisms gover 
ena. 


cy than to ex- 
per atom. The zing 
1e brass area quite 
however, do not 
ly. The alloy will, 
vacancies; it will 
oper, as might be 
will then cause an 
he system. In any 
ito the brass alloy 
sity and create a 
sred. 
e type described 
e in determining 
jiffusion phenom- 


curate that a section cut from the block 


of gelatin can be used to construct a 
optical wedge, that is, a det 
wedge. Even though the lamb 
not a fluid, the law will hold if the Me 
persing medium is a fluid. In hie 
stance it is not necessary to take Ta 
account any special forces between 
lampblack and the liquid. 

Diffusion in solids must be c ee 
a type of chemical reaction. Thus, é i 
not sufficient to describe diffusion so 
on the basis of concentration. It n : 
also be thermodynamically possible. T 
it is possible to deal with the problem 
diffusion in solids. 
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{ adsorption concerns 
een the surface of a 
nown as adsorbents) 
ances (known as ad- 
action in question 
ı the surface and is 
uticular forces dis- 

On the other hand, 


The phenomen 
the interaction 
liquid or a soli 
and particular 
sorbates). Th 
must occur © 
connected wi 
cussed in this 


a uniform pe: n into the whole of 
the body of t l is a simple case of 
mechanical on that must not be 


phenomenon of ad- 
f a physicochemical 


confused wit 
sorption, whi 


sulfur dioxide 
chlorine 


ammonia 


hydrochloric acid 


PERIMENTAL MEASUREMENTS—These il- 
used fale represent some of the apparatus 
the o make experimental measurements of 
ieacoption of gases by solids. 
wate 1a shows the McBain balance, 
Shoe essentially of a small adsorbent 
nerea Med from a spring S. The spring, 
calibrate made from a thin spiral of quartz, is 
ales ra in such a way that its elongation 
ihe War jposalble to deduce the variations of 
È Which t of the adsorbent R. The adsorbate 
Beton i in liquid form, is placed on the 
{echni of the apparatus. By means of suitable 
CASE a vacuum is created in the system, 
adsorben s liquid L to evaporate and become 
in the nto the adsorbent R. The increase 
weight of the latter enables the phe- 


nature. This discussion deals only with 
cases of the adsorption of gases by solids. 

In general, every solid surface displays 
a certain tendency to interact with gase- 
ous molecules that come into contact with 
it. This tendency can be explained by 
the fact that every solid surface (even 
the most highly polished metals) has 
areas of noncompensated electrostatic at- 
traction, or unsaturated centers generated 
by the presence of protuberances, imper- 
fections, or fractures. 

The existence of such areas ensures 


carbon dioxide 
methane 
oxygen 
hydrogen 


nomenon to be quantitatively evaluated. 

Another system in common use is shown in 
Illustration 1b. The large test tube contains 
the adsorbate L in gaseous form, and the pres- 
sure of this gas is measured by the manometer 
M. The adsorbent A, on the other hand, is kept 
separate in the receptacle R, which is closed 
by the magnetic top W. When the latter is re- 
moved, the phenomenon of adsorption takes 
place. The quantity of gas that is adsorbed can 
be determined if the volume of the apparatus 
is known and the decrease in pressure is 
measured. 

Table 1c shows the volumes (in cm?) of a 
number of gases that are adsorbed by 1 g of 
suitably prepared animal charcoal at a tem- 
perature of 20° C (68° F). 


that a thin layer of adsorbed molecules 
will be formed on the surface of the ad- 
sorbent. This layer is considered as being 
monomolecular—meaning that the thick- 
ness of the layer must be equal to the 
molecular dimensions of the adsorbed 
gas. This happens particularly at low 
pressures or at moderately high tempera- 
tures. 

The tendency toward interaction with 
gases is naturally heightened when the 
solid is porous, because it then has a 
much greater surface area for a given 
mass or volume. A substance that has 
been extensively studied from this point 
of view, for example, is carbon in its var- 
ious forms. 

In view of the many aspects of adsorp- 
tion that are of interest in industrial prac- 
tice, these studies have now been extended 
to a large number of other substances. In 
fact, by virtue of their high adsorbent 
power, finely subdivided metals such as 
iron, platinum, nickel, and copper (and 
even such nonmetallic substances as alu- 
mina, clay, silica gel, and vegetable char- 
coal) are now used as catalysts in gase- 
ous reactions. 

Generally speaking, the two funda- 
mental types of adsorption—physical ad- 
sorption and chemical adsorption—may 
be distinguished according to the types 
of forces that come into play. These 
forces between the surface and the gas 
molecules in the case of physical adsorp- 
tion are forces of dispersion, which have 
only a small radius of action. These 
forces are rather weak and are generally 
known as van der Waals forces (after the 
Dutch physicist Johannes Diderik van der 
Waals). The forces that come into play in 
chemical adsorption are chemical in the 
true sense of the word. The bonds be- 
tween the surface and the adsorbed mole- 
cules are rather strong (as much as 
twenty times as strong as the correspond- 
ing forces of physical adsorption), and 
in some cases they are almost as strong as 
the bonds existing in stoichiometric and 
stable chemical compounds. In addition 
to these two types of adsorption are cases 
of the mixed type, as well as more com- 
plex cases. 


LANGMUIR’S THEORY OF THE 
PHENOMENON OF ADSORPTION 


The American physical chemist Irving 
Langmuir developed a kinetic theory of 
adsorption based on certain conditions 
of pressure and temperature. The idea 
behind this theory is that a situation of 
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LANGMUIR’S EQUATION—The graph shown 
in Illustration 2a represents Langmuir’s equa- 
tion 


mia: 
T TERP 


The values of d (ordinate) are plotted against 
the values of the pressure P. Apart from the 
logical observation that the surface of the ad- 
sorbent will be almost wholly covered by the 
adsorbate at markedly high pressures, the ini- 
tial part of the curve is seen as almost a 
straight line; consequently, d is proportional 
to P at low pressures. 
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stationary equilibrium is established be- 
tween a free gas and an adsorbent sur- 
face. This equilibrium is a condition in 
which the number of molecules adsorbed 
by the solid surface in a given period of 
time is equal to the number of molecules 
abandoning the surface and passing into 
the gaseous phase, The layer of adsorbed 
gas is assumed to be monomolecular. The 
fraction of the surface that is covered by 
the gas is represented by d, which will 
amount to 1 when 100 percent of the sur- 
face is covered; it will amount to 0 when 
the surface is wholly devoid of adsorbed 
molecules; and it will assume intermedi- 
ate values when the surface is only par- 
tially covered. The speed with which the 
molecules pass from the gaseous phase to 
the adsorbed phase is proportional to the 
pressure P of the gas and to the fraction 
of the surface (1—d) that is free of ad- 
sorbed molecules. The applicable rela- 
tionship is, therefore: 


speed of adsorption = k; (1 — d) P, 
where k; is a constant of proportionality. 
On the other hand, the speed with which 
the molecules abandon the adsorbent is 


proportional to the fraction of the surface 
that is already covered with adsorbed 


2b 


P 


In fact, when the values of P are very low, 
the denominator of the fraction can be simpli- 
fied by the approximation 

ky + kP = Kz; 


therefore, 
kı 
d= 3) P=K;P. 


This expression explains the almost linear 
form of the first part of the curve (the dotted 
red line is straight). 

Langmuir’s equation can also be written in 
the form 


molecules; therefore, 
speed of desorption = kad, 
where k» is another factor of proportion- 


ality. 

The two speeds—that of adsorption and 
that of desorption—must be equal when 
equilibrium is reached; therefore, 


kı (1—d) P=ked. 
Solving this equation for d: 


This equation makes it possible to calcu- 
late the quantities of gas that will be ad- 
sorbed; the values calculated in this man- 
ner agree with the data obtained from 
experimental measurements, 


THE DETERMINATION OF 
SURFACE AREAS BY 
ADSORPTION 


Because adsorption is a surface phenom- 
enon, it can be used to measure the total 
area on the surface of solid particles. The 
basis for this technique—called the BET 
technique after its discoverers, Brunauer, 
Emmett, and Teller—is the measurement 
of the amount of gas adsorbed on a solid 
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gas is desorbed and 
information, the qu 
would form a mono: 
ering the entire surfa 
be determined. If thi 
known, the number of 
sary to cover the surface can be calcu- 
lated. Therefore, the surface area may be 
found, providing that the area occuple 
by a single molecule is known. The area 
of the molecules to be used is usually de- 
termined precisely by other means 8° 
that accurate surface areas can be mea 
sured. As an example, the area of a nitto, 
gen molecule is 16.3A2 (1.63 X 107" om 
or about 2.5 x 10-1" in.*). ; Pe 

Because many chemical reactions Fe 
volving solids occur at the surface 0 i 
solid, surface area is an important mA 
influencing the rate of reaction. Sur ey 
areas are affected by various ei 
properties of a solid, especially by 
average particle size and by the prese™ 
or absence of pores in the particles. 


OUI! 


The study of e9 
considerable i) 
fields of techn 
equilibrium dia 
know in what rs 
sure, and conce 

to obtain a cl 


um diagrams is of 
nce in numerous 
and science. An 
vakes it possible to 
temperature, pres- 
it will be possible 
system that pos- 


EQUILIBRIUM IN 


CASE - 
TION—It is well kr ea psc 


that every liquid tends 
k aperat, This ency varies from liquid 
as „and bec s greater as the tem- 
R parressa us, gasoline is far more 
fies han water ordinary room tempera- 
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IBRIUM DIAGRAMS 


sesses certain characteristics that are par- 
ticularly desired. 


POSSIBLE PHASES OF A SYSTEM 


Because all gases can be mixed in any 
desired proportion, a system cannot con- 


the number of molecules leaving the liquid 
becomes equal to the number returning to it 
and the system within the container is in 
equilibrium (Illustration ic). In this state of 
dynamic equilibrium, the vapor above the liq- 
uid has a particular pressure, known as the 
saturated vapor pressure of the liquid at the 
temperature of the experiment. The accom- 
panying table shows the values of the vapor 


Pressure, 
Temperature,° C mm of Hg 

0 4.6 

10 9.2 

20 17.5 

30 31.8 

40 55.3 

50 92.5 

60 149.4 

70 233.7 

80 355.1 

90 525.8 
100 760.0 (1 atmos.) 
punea e eee 


the degrees of freedom and 
restraints of chemical systems 


tain more than one gaseous phase. Such 
is not the case in liquids, where it is pos- 
sible to have phenomena of partial misci- 
bility. In practice, this means that a sys- 
tem may contain several liquid phases 
that are in equilibrium with each other. 

To observe the presence of two or 


pressure of water at various temperatures. 

That the vapor pressure of a liquid varies 
with the temperature is easily explained. The 
liquid consists of molecules in continuous 
random movement. The speed of their move- 
ment increases as temperature increases. In 
spite of the attractive forces that tend to keep 
molecules together, increased speed of move- 
ment results in an increased number of mole- 
cules entering the gaseous phase. As their 
numbers increase, however, so does the num- 
ber of collisions with the surface of the liquid, 
and the probability of recapture into the liquid 
correspondingly increases. 

These considerations show that temperature 
is an important factor in determining the equi- 
librium conditions of evaporation of a liquid. 
The example presented in this illustration 
shows the concept of equilibrium between the 
different phases of a system. (Each phase, of 
course, is here considered to be a homoge- 
neous and physically distinct part of a more 
complex system.) Two phases are shown in 
this illustration; they are the liquid phase and 
the gaseous phase. 
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SYSTEMS WITH PARTIAL MISCIBILITY IN 
THE LIQUID STATE—This illustration shows 
three different examples of substances that 
are characterized by a partial miscibility. This 
phenomenon occurs only when the substances 
are in the liquid state. When the substances 


more phases in a liquid, that liquid must 
remain at rest for a certain period of 
time. The formation of two or more lay- 
ers—whose separation line corresponds 
to the separation line of the phases—will 
then be seen. (Illustration 2 shows a 
number of such cases. ) 

In the case of solids, each solid nor- 
mally constitutes a phase of its own; nev- 
ertheless, it is comparatively easy to ob- 
tain the formation of mixed crystals (or 
solid-state solutions) of two or more sub- 
stances—solutions that must be consid- 
ered as a single solid phase. 

Moreover, certain substances can exist 
in two or more forms (crystal structures ) 
that differ from each other (allotropic 
forms). Each allotropic form must be 
considered as a phase of its own. On the 
basis of this statement, the equilibria 
between the various phases that have 
been mentioned can be predicted. Thus, 
when a system consisting of a single com- 
ponent is considered, the solid-liquid 
equilibrium will correspond to the phe- 
nomenon of melting, the liquid-vapor 
equilibrium will correspond to the phe- 
nomenon of evaporation, and so forth, 


are in the gaseous state, they can be mixed 
in any desired proportions. In the liquid state, 
the system consists of several liquid phases 
in equilibrium; in the gaseous state, only one 
phase is possible—a mixture of gases. 
Illustration 2a shows a system consisting of 


COMPONENTS AND DEGREES 
OF FREEDOM OF A SYSTEM 


A component is either an element (such 
as zinc or aluminum) or, more fre- 
quently, a chemically defined compound 
(such as water, alcohol, or sodium chlo- 
ride). 

A component may be present in differ- 
ent forms. More precisely, it may be dis- 
tributed in different phases. For exam- 
ple, in a system consisting of water in 
the form of steam, liquid water, and ice, 
the same component, H20, is distrib- 
uted in three different phases, 

A system may be made up of either 
one component or of several. Simple sys- 
tems, in which the number of compo- 
nents is either one or two, are the easiest 
to understand, 

The concept of the degrees of freedom, 
or the variance of a system (the latter 
term is more commonly used to indicate 
the degrees of freedom of a system) is 
more complicated. 

The degrees of freedom of a system 
are given by the number of variables that 
can be modified without changing the 
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THE PHASE Rt 


The phase rule makes it possible to By 
dict the number of phases that can w 
main in equilibrium in certain con i 
tions. This rule, also called Gibbs's ™ 
after the American mathematical Me 
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obtained from a rearranged form of 
equation (1): 


V=C+2-F, (2) 


In fact, the phase rule is often ex- 
pressed in this latter form. 

For example, in the case shown in Il- 
lustration 3a (one component, three 
phases in equilibrium) 


V=14+2-3=0 
is obtained. This is known as an invariant 


system. In the case shown in Illustration 
3b, on the other hand, 


V=1+2-2=1 


is obtained. This is known as a monovar- 
iant system. In the case shown in Illus- 
tration 3c, 


V=1+2-1=2 


be changed without one of the three phases 
disappearing. 

Illustration 3b shows an example of the 
evaporation equilibrium of water—the liquid 
phese and vapor phase in equilibrium, The 
table presented in Illustration 1 shows the 
very precise relationship required between 
temperature and pressure in order to retain 
equilibrium. From this, the assumption could 
be made that if the temperature were kept 
constant—for example, at 50°C (122° F)— 
and the pressure were varied either above or 
below its equilibrium value (92.5 mm of mer- 
cury), the disappearance of either the gaseous 
phase or the liquid phase would result. Such, 


b 


is obtained, and this is known as a bivar- 
iant system. 

The phase rule is limited in its appli- 
cation to the behavior of systems assumed 
to be subject only to variations in pres- 
sure, temperature, and proportions of 
components, and free from influences of 
electrical and magnetic fields, of gravita- 
tional effects, and of surface energy ef- 
fects. The effect of gravity, which can 
practically never be eliminated, is alto- 
gether negligible for almost all applica- 
tions of the phase rule. Surface effects, on 
the other hand, are extremely important 
in systems containing finely divided col- 
loidal substances or other materials pos- 
sessing large surfaces, such as adsorbents 
and catalysts. The interphase relations in 
these cases are not covered by the ordi- 
nary phase rule, which applies to equi- 
librium of bulk phases. 


however, is not the case. The system shown 
consists of one component in two phases, 
wherein the variance equals one—a mono- 
variant system. In fact, then, it is possible to 
vary one of the variables (either temperature 
or pressure) without causing the disappear- 
ance of one of the two phases (liquid and 
vapor) in equilibrium. 

Illustration 3c shows a system consisting 
solely of water vapor. In this case, it is possi- 
ble to vary both the temperature and the pres- 
sure (within limits) without varying the phase 
of the system. The variance of this system is, 
therefore, two; it is a bivariant system. 


131 


132 


SOLUTIONS | 


The Earth spins through space, its atmo- 
sphere held in place by gravity. The 
Earth's atmosphere is made up of gas 
dissolved in gas—a solution. A plane 


1 


ZINC AND SULFURIC ACID—Although zinc 
reacts with sulfuric acid and dissolves com- 
pletely, the process is one of reaction, not 
solution, Subsequent evaporation does not 
produce metallic zinc. 


speeds through a cloud, a car inches its 
way through fog—both are moving 
through a liquid dissolved in gas—in each 
case, a solution, A house catches fire, 
smoke diffuses into the air; a solid is dis- 
solving in gas, which is also a solution. 

A solid dissolved in a liquid, or in an- 
other solid; a gas dissolved in a gas; a 
liquid dissolved in a liquid; or any com- 
bination of these is a solution. In a solu- 
tion, the component that is present in 
greater quantity is the solvent. The one 
present in a lesser quantity is the solute. 
Solutions are homogeneous mixtures of a 
number of components. There is an im- 
portant difference between homogenous 
and heterogeneous mixtures. Two exam- 
ples that point up this difference are the 
common alloys brass and steel. At first 
glance, both might be mistaken for ho- 
mogeneous mixtures and so taken to be 
solid solutions, But closer observation of 
the crystal lattices of the two alloys is 
most revealing. Brass is an alloy of cop- 
per and zine. It has a face-centered-cubic 


homogeneous connections 
between molecules 


crystal structure in which some zinc 
atoms have replaced copper atoms. Be- 
cause one of the elements forming the 
alloy has penetrated into the crystalline 
structure of the other without modifying 
the characteristics of the structure and in 
such a way that the crystals present are 
always of a single type, the mixture is 
considered homogeneous. The term ho- 
mogeneous, however, cannot be applied 
to steel. Steel is an alloy composed of 
iron, carbon, and a number of other ele- 
ments, such as silicon, manganese, tita- 
nium, chromium, vanadium, and others. 
Except for those instances when iron and 
carbon mix homogeneously, steel is made 
up of crystals of various combinations 
that join in a heterogeneous mixture. Be- 


HOMOGENEITY AND HETEROGENEITY—/f a 
mixture is to be a solution, it must be homo- 
geneous. At first sight, the two common al- 
loys, steel and brass, seem homogeneous. 
Under the microscope, however, steel (Illus- 
tration 2a) is revealed as a heterogeneous 
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rises. The molecules pass through the 
vapor stage from the pure solvent to the 
solution; that is, the pure water has a 
stronger tendency to evaporate than does 
the solution. The solute lowers the sol- 
vent’s vapor pressure. It is considerably 
more difficult for the water molecules to 
escape from the solution because they are 
involved in the mutual forces of attrac- 
tion, however weak, with the dissolved 
particles. To escape from the liquid, the 


molecules must overcome the new forces 
created by the introduction of the solute 
in the solvent, forces beyond normal in- 
termolecular forces. This can be con- 
firmed in a variety of experiments. 

The solutions discussed thus far are 
those in which a solute has been added 
at random to a given solvent. These solu- 
tions have been unsaturated—as solutes 
have been added, the solutions have con- 
tinued to dissolve them. When an added 
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TES—The effects of 
ənt can be observed 
it. Two beakers are 
ver. The first beaker 
f copper sulfate, and 


the second with pure water (Illustration 3a). 
Although the levels of the two liquids were 
equal initially, the level of the water becomes 
lower than the level of the copper sulfate 
(Illustration 3b). Molecules have passed 


3b 


through the vapor stage from the pure solvent 
to the solution. The water molecules in the 
solution are impeded in leaving the solution 
by the mutual forces of attraction with those 
of the solute. 
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UNSATURATED AND SATURATED SOLU- 
TIONS—By adding a solute to a solvent, an 
unsaturated solution results (Illustration 4a) as 
long as the solute dissolves. When a solute 
is added and no longer dissolves, a saturated 
solution occurs (Illustration 4b). 


ee 


solute does not dissolve but remains in its 
solid state in equilibrium with the solu- 
tion above it, a saturated solution results, 
The concentration of a saturated solution 
clearly represents the solubility of the 
solute in that particular solvent. The 
equilibrium established between a solu- 
tion and a dissolved solute may appear 
to be static, but in fact is dynamic—for 
the process of solution is a continual one, 
with the solution depositing an amount 
of solute equivalent to the amount ab- 
sorbed. In any interval of time, the par- 


ticles passing into solution are equal in 
number to those being simultaneously 
deposited by the solution itself. Conse- 
quently, there is a continual movement 
of particles that does not alter either the 
concentration of the solution or the 
weight of the solute in equilibrium. It is 
important to note that it is not necessary 
to have excess solute to have a saturated 
solution; if the excess solute floating in 
the solution is filtered out, a saturated 
solution will result. Even if some other 
solute were added, an equal amount of 
it would still be deposited. 

When a solute dissolves in a solvent, 
enough energy must be supplied to break 
the bonds between the molecules of the 
solute. The same is true of the solvent 
because its molecules must overcome the 
forces between them in order to make 
room for the molecules of the solute. 


SATURATED SOLUTIONS—If a solution in 
which part of the solute is in the solid state 
is filtered, a saturated solution will result. If 
more solute is added, an equal amount of it 
will be deposited. 
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pounds than for the others. For example, 
sodium chloride dissolves in water mM 
greater quantities than does sugar. The 
crystal lattice of sodium chloride, unlike 
that of sugar, is made up of ions which, 
because of their charge, attract water 
molecules. Because these molecules com 
tain positive and negative poles, they are 
attracted by the ions electrostatically, 
surrounded, and split off from the crystal 
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in the proc f solution, Energy is 
needed to br he solute’s crystal lat- 
tice (the reticular energy), and energy 
is generated during the hydration of par- 


ticles by the solvent’s molecules (the hy- 
dration energy ). The solution heat clearly 
depends on the relative value of these 
two types of energy. If reticular energy 
is less than hydration energy, the process 
Y exothermic, and solution heat is pos- 
Te If hydration energy is greater, then 
p process is endothermic, and solution 

at is negative, 

From the foregoing it is obvious that 


THE EFFECT OF TEMPERATURE—Tempera- 
ture has an effect on the solubility of liquids 
and solids. The solution heat (the heat de- 
veloped when a solute goes into solution) must 
also be taken into consideration. This heat 
may be negative or positive because some 


temperature does exert an influence in 
the solution process. For example, con- 
sider a saturated solution of a generalized 
salt, called AB, in equilibrium with solid 
salt according to the reaction: 


AB + H:O = solution. 


In this hypothesis, heat is needed to ob- 
tain the solution; that is, the process is 
endothermic, and the reaction towards 
the right will only take place if a certain 
quantity of energy is provided. The reac- 
tion in the opposite direction will ob- 
viously be exothermic and will develop 
heat. As indicated, the equilibrium is dy- 
namic; the two processes occur contin- 
ually, with the solid dissolving and re- 


7b 


substances require heat to dissolve, while 
others create heat in dissolving. In Illustration 
7a, copper sulfate is dissolving as it is heated. 
In Illustration 7b, potassium hydroxide (KOH) 
is dissolving in water and producing heat. 


precipitating. If heat is now applied, the 
additional energy will disturb the equi- 
librium and favor the endothermic solu- 
tion process. AB will dissolve more 
quickly than it is reprecipitating until a 
new equilibrium is reached with more 
of the solid solute in solution. In this case, 
therefore, providing more heat means in- 
creasing solubility. 

Pressure has no special influence on 
the solubility of solids or liquids. The 
solubility of gases, however, increases 
with an increase in pressure. For exam- 
ple, if the top of a bottle of water in 
which carbon dioxide has been dissolved 
at high pressure is removed, the pressure 
drops and the carbon dioxide bubbles off 
because its solubility is now much lower. 
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SINGLE-COMPONENT 


SYSTEMS 


Consider systems consisting of a single 
pure component. The physical states of 
all such systems are completely defined 
if the temperature and pressure of the 
system are known. Moreover, the system 
can be described graphically by phase 
diagrams that show the range and the 
limits of stability of the various phases. 

In the case of single component sys- 
tems this is a rather simple task because 
it is not necessary to take into account 
other variables such as chemical compo- 
sition. In fact, all that is needed is a 
graph in which equilibrium temperature 
is plotted against pressure. Such a graph 
shows immediately the temperature and 
pressure conditions under which the in- 
dividual phases are stable. 

Graphs of this type are called phase 
diagrams, Following are some examples 
of single-component systems. 


WATER 


Under normal conditions (room temper- 


equilibrium diagrams 
for water and sulfur 


ature and a pressure of 760 mm of mer- 
cury ), water is a colorless, tasteless liquid 
with the following physical character- 
istics. 


PHYSICAL CONSTANTS OF WATER 


melting point 0°C 
boiling point 100° C 
of water at 0°C 0.99987 
specific | of water at 4°C 1.00000 
gravity ) of water at 20°C 0.99820 
of ice at 0°C 0.9167 
latent heat of fusion 
at 0°C 1,429 cal/mole 
latent heat of vaporization 
at 100°C 9,704 cal/mole 


To construct a phase diagram for water, 
it is convenient to begin by treating sep- 
arately the evaporation equilibrium (liq- 
uid-vapor), the sublimation equilibrium 
(solid-vapor), and the melting equilib- 
rium (solid-liquid). Each of these equi- 
libria is governed by the Clapeyron equa- 


— a Á 
phase from the vapor phase, and IB the solid 
phase from the liquid phase. The three phases 
coexist at the point I, which is common to all 
three curves. 


THE PHASE DIAGRAM OF WATER—The curve 
1A separates the liquid and vapor phases at 
the temperature and pressure points indicated. 
IC, on the other hand, separates the solid 
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more precise, water boils at higher tem- 
peratures as pressur¢ increases. Two 
well-known examples illustrate this phe- 
nomenon. The first refers to cooking in 
the mountains. Water boils at less than 
100°C at high altitudes; its boiling point 
has decreased as a result of lower at 
mospheric pressure. Th second refers 
to pressure cookers. In a pressure cooker 
the water remains in the liquid phase at 
temperatures above 100°C because 
higher pressure has produced an increase 
in the boiling point. 

The sublimation equilibrium of water 
is represented by curve IC in Illustration 
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TA and IC, In IA and IC an increase 
in pressure | ompanied by an in- 
crease in the brium temperature. 

At this po gram-molecular vol- 
ume, AV, con to play. In the case of 
melting equ n the value of AV is 
given by 

A\ uta — Vaona (2) 
where Vsona ‘quia are the volumes 
occupied by m-molecular mass of 
water (18 ¢ in the solid and the 
liquid phase ctively. In the case of 
water, 

> Virquias (3) 
Thus, the sp: gravity of ice is less 


than the spe 
table) and ix 
Tt follows | 
der these circ 
ative. Again 


zravity of water (see 
ts on water. 
equation (2) that un- 
tances AV must be neg- 
ı reference to water, if 
both T and 4// are positive, then the 
value of dP/c? must be negative. In 
other words, the pressure must decrease 
as temperature increases, and vice versa. 
This particular aspect of the behavior 
of water is unique. Very few other sub- 
stances behave in a similar manner. 
Now examine the entire phase dia- 
Stam of water. Note that it consists of 
fo that describe the range of stability 
epee phases; equilibrium curves 
mat bee the limits of these areas and 
5 ish the various points at which dif- 
ent phases can coexist; and finally, a 
a that is defined by the intersection 
e three equilibrium curves. 
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THE PHASE DIAGRAM OF WATER AT VERY 
HIGH PRESSURES—The green area repre- 
sents normal ice (ice crystallized in hexagonal 
form). The areas A, B, C, D, and E represent 
the various other crystalline forms ice can 


assume in the solid state. 

The phase diagram of water at high pres- 
sures is actually more complex than shown 
here, because the curves have been somewhat 
simplified. 


i 


According to the phase rule (discussed 
in a previous article), the variance of the 
system is expressed by the following re- 
lationship: 


variance = number of components 
— number of phases + 2. 


In each of the three areas of the water 
phase diagram, therefore, this works out 
to V=1—1+2=2. The system is, there- 
fore, bivariant in these areas. Along the 
curves, on the other hand, V=1— 2+2 
=1, and the system is monovariant. Fi- 
nally, at the point I (the triple point), 
V=1-—3+2=0; the system is invariant. 

The coordinates at the triple point I 
are: pressure =4.6 mm of mercury and 
temperature =0° C (to be more precise, 
the value of the temperature at the triple 
point is 0.0097° C). The phase diagram 
of water has also been studied at very 
high pressures. Under these conditions 
ice displays crystalline forms that are dif- 
ferent from the stable hexagonal struc- 
ture found under normal conditions. Il- 
lustration 2 shows schematically the 


phase diagram of water up to a pressure 
of 10,000 kg/cm?. This gives some idea 
of the complexity of the system. 


SULFUR 


The phase diagram of sulfur is more 
complex than that of water at low pres- 
sures (see Illustration 1). In fact, sulfur 
can exist in two different crystalline forms 
—the rhombic form and the monoclinic 
form. A simplified phase diagram for sul- 
fur is shown in Illustration 3. This dia- 
gram consists of the following: 


1) The curve CM, the sublimation 
curve for rhombic sulfur. 

2) The curve MI, the sublimation 
curve for monoclinic sulfur. 

3) The curve IA, the vaporization 
curve for liquid sulfur. 

4) The curve ML, which represents 
the transition between rhombic and 
monoclinic sulfur. 

5) The curve LB, which represents 
the melting of rhombic sulfur. 
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rhombic 


THE PHASE DIAGRAM OF SULFUR—This sin- 
gle-component system consists of four phases 
(rhombic sulfur, monoclinic sulfur, liquid sulfur, 
and sulfur vapor). 


6) The curve IL, which represents the 
melting of monoclinic sulfur. 


The sulfur system is monovariant along 
each of these curves. 

This phase diagram consists of four 
areas corresponding respectively to two 
solid phases, the liquid phase, and the 
vapor phase. Within each of these areas 
the system is bivariant. 

There are also three triple points I, L, 
and M. At these points the system is in- 
variant. 

Tt should be pointed out that the phase 
diagram in Illustration 3 is not drawn to 
scale, and must, therefore, be regarded 
as a qualitative description of the sys- 
tem. The upper part of the pressure scale 
has been greatly compressed in order to 
show all of the stable phases within a 


Sulfur is rhombic below 96°C (204.8° F) 
and monoclinic between 96°C and 119°C 
(246.2° F). The two solid forms and the vapor 
coexist at the triple point M. Similarly, the 


reasonably small space. 

The sulfur system lends itself to an in- 
teresting application of the phase rule 
(4). Suppose it is desirable to find out if 
there is a point in the sulfur phase dia- 
gram where the four phases (rhombic, 
monoclinic, liquid, and vapor) coexist in 
stable equilibrium, Using the phase rule 
(4) to determine the variance of the 


system under these conditions, the result 
is 


V=1—449=-], 


In other words, the variance of the sys- 
tem would be negative. This result is ab- 
surd, however; hence it can be safely 
stated that such a point cannot exist. It 
is, therefore, not Possible to have more 
than three of the four phases in simul- 
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noclinic solid co- 
is the triple point 
lid forms. 


vapor, the liquid, and t 
exist at point I, The po: 
of the liquid and the ty 


taneous equilibrium. The table belo 
shows the coordinates »t the triple points 
in the phase diagram of sulfur. 
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COORDINATES OF THE INVARIANT 
POINTS OF SULFUR 


i t=119°C, P=0,00004 
1) point I n E 
5 =154°C, P=1,400 
2) point L atoi 
= 1 
i = 96°C, P=0.0000 
3) pointM t cence! 
ee 


The actual physical and chemical propi 
erties of a substance are not dies 
dicated on the phase diagram, but i n 
are nontheless completely determined PY 
information in the diagram. 
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hysical variables 
s considered here (P 


=constant) th le becomes 
v=2- 4+1=3-¢6 (1) 
This relations!:ip shows that the num- 
ber of phases ¢ in equilibrium cannot ex- 


ceed three. With three phases the system 
will be invariant (v =0). 

Numerous types of equilibrium dia- 
grams are used. In this article, however, 
only the most important and simplest 
ones are discussed. Moreover, only those 
equilibria in which the two components 
are completely miscible in the liquid 
phase will be treated. 


PHASE DIAGRAMS WITH THE COM- 
os COMPLETELY IMMISCI- 
LE IN THE SOLID PHASE 


Systems 


without intermediate com- 


pounds—The phase diagram applicable 
in this instance is shown in Illustration 1. 
There are two components (1 and 2); 
these components melt respectively at 
temperatures T, and Tə. Mixtures of 
these two substances, however, melt 
along the curve T,ET»2. This curve is, 
therefore, known as the liquid curve. 
The point E is called the eutectic point 
(eutectic is derived from the Greek for 
“which melts easily”); the corresponding 
temperature Tz is called the eutectic tem- 
perature. The system is completely solid 
below the straight line aEb; it is com- 
pletely liquid above the curve TET». In 
area T,Ea crystals of substance 1 are in 
equilibrium with the liquid, while in 


liquid-solid 
equilibria 


area T¿Eb the liquid is in equilibrium 
with crystals of substance 2. 

The solid that separates from the liq- 
uid phase at point E consists of an inti- 
mate mechanical mixture of the crystals 
of substances 1 and 2. This mixture is 
called the eutectic mixture. It must not 
be confused with a chemical compound, 
for it does not have the characteristics of 
a true compound. 

Solids crystallizing below the straight 
line aE consist of crystals of substance 1 
plus the eutectic mixture. Similarly, be- 
low line bE the crystallizing solids will 
consist of crystals of substance 2 plus the 
eutectic mixture. 

It is interesting to note that the addi- 
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SYSTEMS WITHOUT INTERMEDIATE COM- 
POUNDS—This phase diagram describes two 
components (1 and 2) that are completely 
soluble in the liquid phase and completely 
insoluble in the solid phase. The system is 
solid below the straight line aEb; it is liquid 
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T, 


temperature 


vd a 
1(100%) 


composition 


above the curve T,ET}. In the area T,Ea, 
equilibrium exists between crystals of com- 
ponent 1 and the liquid. In area T,Eb crystals 
of component 2 are in equilibrium with the 
liquid. Tę is the temperature at the eutectic 
point. 
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SYSTEMS WITH INTERMEDIATE COMPOUNDS 
—Consider the case of two components that 
are insoluble in the solid phase and form an 
intermediate compound C that melts without 


2 


temperature 


1 (100 %/0) 


eee 


ae 
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composition c 


tion of impurities to a pure substance al- 
ways causes a lowering of the melting 
point. This is clearly demonstrated by the 
two curves T,E and TE. 

Many binary systems are characterized 
by phase diagrams of the type shown in 
Illustration 1. Some of these systems, 
consisting either of two metals, two in- 
organic salts, or two organic substances, 
are listed in the table together with the 
corresponding eutectic temperatures (the 
melting points of the individual com- 
ponents are shown in parentheses). The 
eutectic temperature, mentioned previ- 
ously, is the lowest temperature at which 
the liquid phase can exist. 

Finally, the system is invariant at point 
E because three phases are in equilib- 
— = eee 


PHASE DIAGRAM OF A SYSTEM WITH INTER- 
MEDIATE COMPOUNDS THAT DECOMPOSE— 
Components 1 and 2 form an intermediate 
compound that decomposes at a temperature 
T 4 before it reaches the melting temperature. 
The dashed curve shows what would happen 
if compound C did not decompose. The dia- 
gram shows the areas in which the various 
Phases are stable. 


il i; i ists 
decomposing. This phase diagram consi 
of the oa of two diagrams of the previous 
type (see Illustration 1). 
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rium (solid 1, solid 2, and liquid); 
v=3—¢=3-3=0, (2) 
The system is morovariant along the 
curves T)E and TE where two phases 
are in equilibrium (sc ‘1 1 or solid 2, and 
liquid): 
v=3-ġ-= 2st (3) 
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SYSTEMS THAT FORM SIMPLE EUTECTICS 
eee 


System mA 
gold (1,064° C) + thallium 131°C 
lead ( 326°C) + antimony 246° C 
aluminum 657° C) + silicon 578°C 
cadmium 321°C) + bismuth 144°C 
AgCI 451° C) £ KCl 306° C 
NaCl 800° C) ar NaSO, 623° C 
NaCl 800° C) + CsCl 493°C 
LiF 848° C) T NaF 652° C 
KF 856° C) + NaF 710°C 
AgBr 119°C) + Ker 285° C 
CsNOs 413°C) + Be(NOs)» 310°C 
aniline -6° C) + CH;Cl =C 
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PHASE DIAGRAMS WITH THE COM- 
PONENTS WHOLLY SOLUBLE IN 
THE SOLID PHASE 


These phase diagrams are shown in Il- 
lustration 4. A two-component system 
that forms a continuous series of solid 
solutions is shown in Illustration 4a. 
Curve TaT» is the liquid curve, while 
curve T,bT, is the solid curve. 

In the oval-shaped area T,aT 2bT, equi- 
librium exists between the liquid and the 
separated solid solutions. The situation 
in Illustration 4a occurs quite frequently. 
It represents such alloys as platinum- 
gold, silver-gold, and cobalt-nickel. 

Illustration 4b, on the other hand, 
shows a situation analogous to the previ- 
ous one, except that it displays a mini- 
mum point. Alloys of manganese and 
copper, gold and copper, and silver and 
antimony are examples of systems that 
behave in this manner. The phase dia- 
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2 (100 °/o) 


4b 


temperature 


4 (100 °/o) 


composition 


gram in Illustration 4b is simply two dia- 
grams of the 4a type joined together at 
the minimum point. 

Finally, Illustration 4c shows a phase 
diagram that displays a maximum point. 
This is less common and is sometimes 
found in binary mixtures of certain or- 
ganic substances, 

In both Illustrations 4b and 4c there is 
a point where the solid curve and the 
liquid curve meet (the minimum point 
or the maximum point). At this point 
both the liquid and the solid have the 
same composition. There is therefore an 
abrupt transition from one state to the 
other. 


4c 


temperature 


= 


1 (100 °/0) composition 


COMPLETELY MISCIBLE 
COMPONENTS — In this 
case the components are 
completely soluble both 
in the liquid phase and 

Ts in the solid phase. The 
formation of a continu- 
ous series of solid solu- 
tions is shown in Illustra- 
tion 4a. Illustrations 4b 
and 4c, on the other 
hand, show either a min- 
imum or a maximum 
point where there is an 
abrupt change from the 
liquid state to the solid 
state. The blue curves 
are the liquid curves; the 
green ones are the solid 
curves. Between these 
curves equilibrium be- 
tween the liquid and the 
solid solutions exists; 
above the curves the 
system is wholly liquid, 
while it is entirely solid 
below. 


2 (100 °/0) 


Ti 


2 (100 °/o) 


141 


THREE-COMPONENT SYSTEMS | 


Single component systems and two-com- 
ponent systems have been discussed in 
previous articles. This article, therefore, 
is devoted to systems that consist of three 
components. These systems, often of 
great practical interest, are generally 


1 


THE COMPOSITION OF A TERNARY SYSTEM 
—The first problem is finding a way to repre- 
sent the composition of a ternary system in 
the simplest and most logical manner. Con- 
sider the system shown—a system consisting 
of three substances X, Y, and Z (X could be 
water, HO, Y chloroform, CHCI,, and Z acetic 
acid, CH;COOH). The most widely used graphi- 
cal method was proposed in 1876 by the 


z 


rather complex because, along with var- 
iable composition, pressure and temper- 
ature must also be considered. 

When the three components are liq- 
uids or solids, it is customary to simplify 
graphical representation of the system 


American physicist J. W. Gibbs. In this method 
the composition of the ternary mixture is rep- 
resented by a point inside an equilateral tri- 
angle. Each point inside the triangle represents 
one (and only one) composition. Also, for any 
given composition it is always possible to find 
a point within the triangle that represents that 
composition. Illustration ja is such an equi- 
lateral triangle. The three pure components 
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graphical 
representations 


by considering only the condensed 
phases (liquid or solid ) at constant pres. 
sure and at a selected temperature. The 
equilibrium conditions are thus studied 
in terms of how they vry with the com. 
position alone. 
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nber of straight lines 
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physical and chemical separations such 
as distillation, crystallization, and extrac- 
tion. The metallographic structure of an 
alloy can be understood completely only 
with the aid of an equilibrium diagram 
pertaining to the system. 


shown in Illustration 1b. This establishes that 
any mixture containing 70 percent X must 
always be represented by a point on the line 
segment ab. This, of course, is independent 
of the concentration and the quality of the 
remaining substances. 

For example, a mixture containing 35 parts 
X, 10 parts Y, and 5 parts Z (2) would always 
pe ene on the line segment ab because the 
ratio 


concentration of X _ 35 
conc. X + conc. Y + conc. Z 50 
70 


= 700 = 0.70. 


The same reasoning can be applied to every 
line parallel to the side ZY. For example, the 
segment c,d, represents all the mixtures that 
contain only 10 percent X, and so forth. 

The same method can be used to express 
the concentrations of Y. Simply construct par- 
allels to the side XZ (Illustration 1c). For ex- 
pressing the concentrations of Z, construct 
parallels to the side XY (Illustration 1d). If 
Illustrations 1b, 1c, and 1d are combined, the 
result is the diagram shown in Illustration 1e. 
Now, given a mixture of any composition what- 
soever, the point that represents it in the dia- 
gram is identified by determining the intercepts 
on the line segments parallel to ZY, XZ, and 
XY. For example, if it is desired to represent 
the mixture (2) above by means of a point, 
first it is necessary to write down the percent 
composition of the individual components; 


X =70%; Y = 20%; Z = 10%. 


Having done this, note in Illustration 1f that 
the point representing this mixture must simul- 
taneously fall on the line segment ab of the 
mixtures that contain 70 percent X, on the 
line segment cd of the mixtures that contain 
20 percent Y, and on the line segment ef of 
the mixtures that contain 10 percent Z. This 
point is P. Conversely, it is just as easy to 
calculate that the mixtures represented by 
point Q must have the following composition: 


X = 30%; Y = 30.5%; Z = 39.5%. 


A number of characteristics make this graphi- 
cal method particularly useful. For example, 
the sum of the segments Pc, Pt, and Pb equals 
100 parts. 


= ide 

PEE Er othe triangle = 100 parts. 
The lengths of the individual segments, there- 
tore, conreat the percent composition of the 
three components of the mixture. To be more 
exact, each segment represents the compo- 
sition of the component located at the vertex 
opposite the side touched by the segment. 

Thus, the segment Pf represents the percent 
of X, the segment Pc represents the percent 
of Z, and finally, the segment Pb represents the 
percent of y in the mixture. 


to 
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TWO PROPERTIES BY MEANS OF EQUILAT- 
ERAL TRIANGLES—A second characteristic 
of the graphical scheme proposed by Gibbs 
refers to the mixtures represented by a line 
segment that starts at one of the vertices and 
ends on the opposite side; for example, the 
segment ab shown in this illustration. The 
ratio of the concentrations of X and Y is con- 
stant for all of the mixtures represented by 
this segment: 


concentration of X _ 
concentration of Y "777 


In other words, these mixtures will always 
contain four parts plus a fraction of a part of 
X and one part of Y. Another characteristic 
that derives from the diagram is as follows. 
The concentration of the component found at 
any given vertex will always remain constant 
along segments parallel to the opposite side. 
For example, 18 percent of substance Z is 
always present in the mixtures located along 
segment cd of the diagram. 


temperature 


composition 


THREE-DIMENSIONAL PHASE DIAGRAMS— 
When systems at constant pressure are stud- 
ied, the phase diagrams are usually drawn in 
three dimensions. This is done by means of a 
solid whose base consists of the equilateral 
composition triangle just described, but whose 
height represents the temperature variable. 

To study processes at constant temperature, 
the solid is sectioned by cutting it along the 
horizontal plane corresponding to the tempera- 
ture selected. The composition triangles ob- 
tained in this manner are called isothermal 


triangles. 
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VAPOR PRESSURES 


Every liquid tends to evaporate to some 
extent, If a given quantity of liquid is 
placed in a closed vessel containing a 
vacuum above the liquid, a portion of the 
liquid evaporates until a certain pressure 
is developed; at that point the tendency 
toward evaporation is counteracted and 
balanced. This balancing phenomenon 
does not occur if the liquid is placed in an 
open container; instead, the evaporation 
continues until the liquid is gone. Every- 
day experience shows that the tendency 
of a liquid to evaporate is more pro- 
nounced as the temperature increases 
and, consequently, that the evaporation 
can be accelerated by heating the liquid. 

This article deals with the laws gov- 
erning the evaporation phenomena of 
pure liquids, particularly the laws that 
establish a relationship between the va- 
por pressure of liquids and the tempera- 
ture of their systems. 


MICROSCOPIC ASPECTS OF 
THE PHENOMENON 
OF EVAPORATION 


From a microscopic point of view, a 
liquid can be considered as an assembly 
of very small particles (normally mole- 
cules), Although these particles are in 


continuous and random movement, they 
are partially bound to each other by at- 
tracting forces. The temperature of the 
system is a macroscopic expression of 
these microscopic motions, The greater 
the average speed of the particles, the 
greater the temperature of the system. 
Some of the moving particles occasion- 
ally pass through the surface of the 
liquid and enter the space above that 
surface, losing their bond with the other 
particles. As the temperature of the liquid 
is increased, this tendency to enter the 
space above increases correspondingly; 
the increased temperature increases the 
molecular agitation and, therefore, the 
average speed of the particles. This phe- 
nomenon is shown graphically in Illus- 
tration 1. If the space above the liquid is 
a closed one, the phenomenon of evapo- 
ration causes particles to accumulate in 
the gaseous phase. However, the motion 
of particles in the gas also causes them to 
collide with the surface of the liquid. 
Some of these particles are recaptured 
and bonded again with the other liquid 
particles. This is the phenomenon of con- 
densation—the opposite of evaporation. 
At a certain temperature, a state of 
equilibrium is attained—that is, as many 
particles abandon the liquid as are recap- 
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A LIQUID IN A CLOSED VESSEL IN WHICH 
THERE IS A VACUUM IN THE UPPER PART 
—n Illustrations 1a and 1b, the liquid and 
vapor states of a given substance are repre- 


sented. The individual molecules—or particles 
—are represented at a particular instant of 
their random motion. When equilibrium is 
reached (Illustration 1c), the number of mole- 


cules evaporating is equal to thi 
densing. The pressure read on tl 


M is the vapor pressure. 
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equations are o> sined: 
log P, = —-AHe 
g P: 58T; +a (2) 
log P, = —-AHe 
log Po 155 TA (3) 


If equation (3) is subtracted from 
Squation (2), the result is as shown in 
equation (4) below: 


log P, — log P, = log P, 


P, 
=- (r T) O 


If the value of AH, is known, equation 
th ) = be used to calculate any one of 
Per parameters Tı, To, P}, and Ps 
ae € other three are known. Assume, 

instance, the following problem: 


AH, 
4.58 


_ 10,450 / 1 


log P, ~ log P = log P= = 
2 


10,450 - 30 


log 17.5 - | = 
log 17.5 — log x 458 
10,450 - 30 
| =| E E ER one es 
log x = log 17.5 + 758.293- 323 
x = 92.5 mm Hg 


THE VAPOR PRESSURE OF WATER AT 50° C 
—The problem is to calculate the vapor pres- 
sure of water at 50° C (122° F), knowing that 
the vapor pressure of water amounts to 17.5 
mm (0.68 in.) of mercury at 20° C (68° F), and 
that the latent heat of water evaporation has 
an average value of 10,450 cal/mole in the 
range from 20 to 50° C (68 to 122° F). 


293 =) a 


~ 4.58 + 293 - 323 


= 1.243 + 0.723 = 1.966 


The problem is solved by means of equation 
(a). Using x to represent the value of P,—and 
noting that P, = 17.5; 50° C = 323° K = Ta; 
20°C = 293° K = T,; and AH, = 10,450— 
substitute these values in equation (a) and 
obtain equation (b). Calculation of the value 
of the unknown gives the vapor pressure of 
water at 50°C (122° F). 
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knowing that the vapor pressure of water 
is 17.5 mm (0.68 in.) of mercury at 20° C 
(68° F or 293° K), calculate the value of 
the vapor pressure of water at 50°C 
(122° F or 323°K). Also known is that 
the value of AH, for water in this range of 
temperatures amounts on the average to 
10,450 cal per mole. Illustration 2 shows 
how this problem is solved. Ps is found 
to amount to 92.5 mm (3.6 in.) of mer- 
cury. 

A graphic solution of the same prob- 
lem can be obtained. Equation (1) is 
the equation of a straight line; if log P is 
plotted against 1/T (as shown in Illustra- 
tion 3), no more is left to do than to read 
the value of log P that corresponds to the 
inverse of the absolute temperature 
(1/323 = 0.00309), finding that log P= 
1.966. From this, the problem is solved: 
P=92.5. 

Other interesting problems can be 
solved by means of equation (4). For 
example, knowing that the boiling point 
of water is T, at pressure Py, what will 
be the boiling point of water when the 
pressure becomes P.? A problem of this 
type is solved in Illustration 4_for ben- 
zene instead of water. 

If equations (1) and (4) are to be 
used, the value of AH; in the tempera- 
ture range concemed generally needs to 
be known. To study the variations of the 
boiling point of a liquid with variations 
of pressure (a problem of considerable 
technological interest), use can be made 
of an empirical rule first formulated by 
the English physicist Frederick T. Trou- 
ton. According to this rule, most simple, 
nonassociated liquids—those having a mo- 


lecular weight of the order of 100—have 
a constant ratio between the value of AH, 
at the boiling point and the boiling tem- 
perature T, (expressed in °K); this ratio 
is equal to approximately 21 cal per de- 
gree-mole, This rule is expressed as equa- 
tion (5). 

AH,/T,~ 21 (5) 
Using this equation, an approximate 
a At Se ee ee 


GRAPHIC SOLUTION—This illustration is a 
graphic representation of the Clapeyron-Clau- 
sius equation for water in the temperature 
range from 20 to 50°C (68 to 122° F). The 
graph shows that the value of log P corre- 
sponding to 1/T = 0.00309 (T = 323°K, or 
50° C) is 1.966. This means that Pa = 92.5 
mm (3.6 in.) of mercury. The result is thus 
identical to that obtained by equation (a) of 
Illustration 2. 
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log P, ~ log Pa = 


TNA EES 1 


Z 458 \353 


=0.301 


ogre 
33 


Kl pen Ea 
7,500 353 x 


0.301 > 


_ 0.301 + 4.58 _ 7,500 — 0.301 + 4.58 + 353 


7,500 
7,500 + 353 


377° K = 104° C = 219.2°F 


THE BOILING POINT OF BENZENE AT A 
PRESSURE OF 2 ATMOSPHERES—Knowing 
that benzene boils at 80°C (176°F) at a 
pressure of 1 atmosphere, and that the latent 
heat of boiling AH, is equal to 7,500 cal/mole, 
determine the boiling point of benzene at a 
pressure of 2 atmospheres, 

The problem is solved by means of equation 
(a). Letting x represent the value of T,—and 


353 «7,500 


noting that P, = 1 atmosphere; T, = 80°C 
(353° K); Pa = 2 atmospheres; and AH, = 
7,500 cal/mole—equation (b) is obtained. 
Solving this equation obtains the value of x, 
which is equal to 104° C (219.2° F or 377° K). 
The boiling point of benzene at 2 atmospheres 
is found to be 24° C (43.2° F) above the nor- 
mal boiling point. 
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value of AH, can be obtained by multi- 
plying T. by 21, as shown in equation 
(6). 

AH,=T, 21 (cal/mole) (6) 


In the problem presented in Illustration 
4, for example, if the value of A H, is un- 
known, equation (6) can be used to cal- 
culate the value of A H., giving AH,= 
353 x 21 =7,413. This compares with a 
precise value of 7,500 cal/mole, an ex- 
cellent agreement for an approximate 
value. 

An even more approximate rule that is 
often useful for technical purposes was 
formulated by the American chemist J. 
M. Crafts for expressing the dependence 
of the boiling point on the pressure. Ac- 
cording to this rule, the increase in the 
boiling temperature A T that is associated 
with a pressure increase AP (expressed 
in atmospheres) is given by the expres- 
sion shown in equation (7), 


AT =0.091T, AP, (7) 


where T, is the boiling point of the 
liquid (in °K). 

Applying equation (7) to the problem 
shown in Illustration 4, 


AT =0.091 +353 (2-1) =32°C. (8) 


This compares with a correct value of 
24° C (43.2° F). The expression of equa- 
tion (7) is a rather approximate one; in 
general, however, the smaller the values 
of AP the more satisfactory are the values 
provided by this expression. 

For example, if the problem shown in 
Illustration 4 had been one of finding the 
boiling point of benzene when the pres- 
sure changes from 1.0 to 1.5 atmospheres, 
a calculation based on equation (4) and 
carried out in a manner analogous to that 
shown in Illustration 4 would have led to 
the solution A T = 14° C, Using equation 
(7), however, would produce the follow- 
ing: 

AT = 0,091 + 353+0.5=16°C. (9) 


There is much better agreement in this 
case than was obtained in the calculation 
conducted in equation (8). 


MEASURING VAPOR PRESSURES 


The most direct and accurate methods 
for the measurement of vapor pressures 
are; (1) the dynamic method, in which 
a liquid is boiled in a vertical tube in a 
thermometer (shielded against radiation) 
placed in the condensing vapor and the 
pressure transmitted to a pressure gauge 


by means of a gas of smaller molecular 
weight than that of the vapor; and (2) 
the static method in which the coexistent 
liquid and vapor are enclosed in a bomb 
maintained at a constant temperature T 
and the pressure transmitted to a pres- 
sure gauge through a cxpillary opening 


containing the vapor ph s« if T is below 
room temperature, or liquid phase 
(or an inert liquid, su s mercury) if 
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The Haber process fo 
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of ammonia by inere. 
lowering temperatur 
made mostly from iro 
moderately high temperatures and ex- 
tremely high pressure, the German chem- 
ist Fritz Haber caused nitrogen from the 
air to combine with hydrogen in the ratio 
of one atom to three, producing ammonia, 

A typical ammonia synthesis converter 
for operation in the high-pressure ranges 
at about 1,000 atmospheres, is a thick- 
walled carbon steel vessel that produces 
from 250 to 400 Ibs of ammonia per hour 
per cubic foot of catalyst. 

The process for synthesizi 
is in general similar to that 
Typical operating conditions al 
mospheres of pressure. At pressu! i 
200 to 1,000 atmospheres, higher alcoho 
are formed. 
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they retain even in 
potassium dichro- 


using flames and colors to 
identify chemical substances 


make up the class of substances called in- 
organic compounds, which are classified 
as minerals and which are widely distrib- 
uted in nature. 


COLOR: A FIRST AND 
USEFUL INDICATION 


Sometimes color can be used as a clue to 
the identity of a substance or at least 
some of its components. Copper salts 
have a blue or bluish-green coloring that 
is retained even in solution. Cobalt salts 
crystallized with water (hydrates) are 
pink, and those crystallized without water 
are blue. Both of them, when dissolved in 


mate shown in Illustration 1b preserves the 
brilliant orange color of its solid state. In 
Illustration 1c, both the hydrated cobalt salt 
(in this case, the chloride) and the solution 
containing it are a deep rose color; the color 
is characteristic of a complex ion in which the 
cobalt is surrounded by six molecules of water. 
The complex is a positive bivalent one. 
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SUBLIMATES—To distinguish between white 
substances without performing tests on them 
is impossible. A simple test consists of placing 
a small amount of the substance at the bottom 


of a test tube and heating it over a Bunsen 
burner. The substance melts, and a film of 
powder (sublimate) is gradually deposited on 
the cold walls of the test tube. This indicates 
2b 


that the substance is volati 


- Useful informa- 


tion regarding the compound can be derived 
te. For example, 
trioxide (As,0,) 


from the color of the sublim 
a white sublimate of arse: 
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e nie trisulfide (As2S3) is shown 
ation 2b; and a dark black sublimate 
sulfide (HgS), | ustration 2c. 
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water, give the solution a pink color. 
Many compounds containing chromium 
are yellow or orange, according to the 
oxidation states of the element ( Illustra- 
tion 1). However, not every compound 
can be identified by color because many 
substances, although extremely different 
in composition and characteristics, are 
white or are identical in color. Some 
white compounds such as those of arsenic 
and lead are highly poisonous, but have 
an appearance similar to that of common 
table salt, sugar, or sodium bicarbonate. 
These observations are valid if the com- 
pounds are present singly, but identifi- 
cation is difficult if compounds are mixed. 
(For example, when a light-colored com- 
pound is mixed with a dark-colored one, 
the presence of the former is difficult to 
detect.) Identification of compounds that 


3d 
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DRATION—Dehydration takes place when 
raced substance is heated. The heat 
causes the compound to lose its water of crys- 
tallization and, sometimes, its color. The blu- 
ish-green hydrate of copper sulfate becomes 
white (Illustration 3a). The hydrate of nickel 
chloride (Illustration 3b) becomes yellow (Il- 
lustration 3c). Cobalt chloride changes from 
deep pink to blue (Illustration 3d). 
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are dissolved in water is more difficult 
yet. In most cases the compound or mix- 
ture of compounds must be analyzed; 
that is, it must be subjected to the action 
of certain substances (reagents ) so that 
the reactions that take place or the modi- 
fications that the compounds or reagents 
undergo may be observed. On the basis 
of such observations, the nature of the 


compounds can be determined. 
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VAPORS — One phenomenon caused by the 
simple heating of certain substances is the 
formation of vapors as a result of internal re- 
actions. This illustration shows abundant pur- 


ple-colored vapors of iodine arising from a 
heated mixture of iodides and oxidizing sub- 
stances. 


ee 


TEST IN AN OPEN TEST TUBE 


A small quantity of material may be 
placed in a simple glass test tube. The 
test tube is held over a flame so as to 
subject the material to the action of heat. 
If the upper part of the test tube be- 
comes covered with a powdery film (sub- 
limates), the presence of substances that 
volatilize and do not melt (that is, sub- 
stances that can be sublimated) is indi- 
cated, Examples include arsenic trioxide 
(As,O3), mercurous chloride (Hg.Cl.), 
and mercuric chloride (HgCls), if the 
sublimate is white; sulfur or arsenic tri- 
sulfide (As»S3), if the sublimate is yel- 
low; and mercury sulfide (HgS), if the 
sublimate is black (Illustration 2), 

Other interesting observations can be 
made by heating inorganic compounds 
in the aforementioned manner. A pinkish- 
colored compound can be assumed to be 
a hydrated cobalt salt. A change in the 
color of the compound from pink to blue 
when heated in a test tube confirms the 
presence of a cobalt hydrate. When a co- 
balt hydrate is heated, it loses its water of 
crystallization and appears in its anhy- 
drous form, which is blue (Illustration 
3). 

Copper and nickel salts are green, and 
a trained observer can easily distinguish 
one from the other. In case of doubt, 
heating the substance in a test tube can 
provide a good test. Copper salts change 
from bluish-green to white, and nickel 
salts become yellow because of the loss 


of the water of crystallization ( Illustra- 
tion 3). 

The simple heating of substances pro- 
vides further information. Sometimes 
colored vapors are given off by heated 
materials. Purple vapors are a sure indica- 
tion of the presence of iodides and of oxi- 
dizing substances (such as manganese 
dioxide), or of chromates, which cause 
simple iodine to separate from the iodide 
and to pass into the state of purple vapor 
(Illustration 4). In a similar manner, bro- 
mides in the presence of oxidizing sub- 
stances give off vapors of bromine, which 
are reddish; nitrogen tetroxide (N20,), a 
gas that is given off by certain nitrates 
(such as lead nitrate) when they decom- 
pose under the action of heat, is also red- 
dish. 

Not all gases and vapors are colored, 
however. Although many of those that 
arise from the decomposition of certain 
substances are invisible, in some cases 
they can be recognized by a characteristic 
odor. The familiar suffocating odor of 
ammonia, a colorless gas, is readily no- 
ticeable when diammonium phosphate, 
(NH, )2HPO,, or ammonium metaborate, 
NH,BOsz, is heated in a test tube; these 
ammonium salts are obtained by the re- 
action of ammonia with phosphoric acid 
and boric acid, respectively, These salts, 
unstable when heated, tend to decom- 
pose into the two compounds of which 
they are composed; the volatile ammonia 
is given off, and the nonvolatile acid re- 
mains in the test tube. 


When a sulfur match is lighted, it gives 
off a sharp odor of burned sulfur because 
of the sulfur dioxide (SO,) that is 
formed by the combustion of the sulfur 
of the match in the oxygen of the air, The 
same odor is present when either calcium 
sulfite, CaSOs, or sil) ulfite, Ag,S0,, 
is heated, because su lioxide is one 
of the products of d dosition, 
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INSTRUMENTAL METHODS OF 
DRY CHEMICAL ANALYSIS 


In addition to the classical methods of 
dry chemical analysis, the modern chem- 
ist uses a number of new techniques that 
have been developed around optical and 
electronic instrumentation. These instru- 
ments serve to extend the chemist’s nor- 
mal senses of sight, hearing, smell, taste, 
and touch. They provide greater sens! 
tivity in determining small quantities o 
chemical substances and greater accu- 
racy in identifying and measuring n 
chemical components of materials. r 
cause the number of instrumental met A 
ods is large and the principle of T 
operation is often quite complex, only * 
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of steel together, the arc discharge is used 
to decompose the dry chemical sample. 
The atoms liberated by the decomposi- 
tion are then excited and emit light. 
which can be measured, Just as in the 
case of the flame, the color or wavelength 
of the emitted light can be used to iden- 
tify the elements present in the sample, 
and the amount or intensity of the light 
can be used to determine how much of 
each element is present. 

Another instrumental method of dry 
chemical analysis utilizes the reflection 


flame: sodium (Illustration 5a) gives a charac- 
teristic yellow color; calcium (Illustration 5b) 
gives off red flashes; copper (Illustration 5c) 
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of light from a sample. Grass and leaves 
appear green because of the chemical 
compounds present in them. These com- 
pounds absorb light of all colors other 
than green so that the green colors are 
reflected rather than absorbed. In the 
same way, chemical compounds in an 
unknown sample reflect mostly the colors, 
or wavelengths of light, that are not ab- 
sorbed. A beam of light can be directed 
onto the sample, and the intensity and 
color of the reflected light used to analyze 
the sample for its chemical constituents. 


gives a brilliant emerald-green flame, with 
bright flashes; and barium (Illustration 5d) 
gives a persistent pale green flame. 


THE FLAME IN CHEMISTRY | atot for analysis 


RADIATING ATOMS—A simple flame, such % 
the one produced here by a Bunsen-tyPe 
burner, is capable of generating rather high 
temperatures. The temperature of the iem 
nating gas-air flame here is approximately 
1800° C (3,272° F)—hot enough to heat 6 
platinum wire to incandescence. Many iC 
metal atoms heated to this temperature “a 
excited and give off radiation (light) cha 
teristic of the metal. In flame emission Sie 

trometry, this radiation is used to measure a 
kind and concentration of metal species n 

solution. 


since the dawn “ time, fire and flames 
have fascinate’ sisted, and at times 
been harmful t ın. Although the first 
use of fire by 1 »ecurred long before 
recorded histo: has been ascertained 
that fire playe: nportant role in the 
formation and cement of civilized 
societies. 
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was it recognized 
the outward sign of 
gas. Later, fire was 
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tion of a subst ith oxygen from the 
air. The comb n, or oxidation as it 
is called, is so that an appreciable 
amount of lig! | heat are generated. 

Although c« this latter view of 
fire and flami mecessarily limited. 
Today, scienti ognize that a flame 
is no more an ess than a vigorous 
chemical reac! he reaction generates 
heat and can species that are ex- 
cited by the h perature to produce 
light. Becaus: ıv’s definition is no 
longer restric the inclusion of oxy- 
gen, flames ca roduced by combina- 
tion of any sp provided the reaction 
is sufficiently ind liberates enough 
heat. As a lim ase, it may be pointed 
out that an ex on is a form of uncon- 
trolled, rapid! »pagating flame. 

Because the nature of the flame is just 
that of a chemi: | reaction, it can be used 
as a medium examining rapid reac- 
tions that would not occur in a less ener- 
getic medium, Many important chemical 
reactions, such as those employed in met- 
allurgical industrial processes, were made 
possible by the fame, However, although 
it is used heavily in industry, perhaps the 
Most common use of the flame in labora- 
tory chemistry today is in the field of 
chemical analysis, 

The basis for chemical analysis using 
the flame is found in the science of spec- 
troscopy, In this field, chemical species 
are identified and measured according to 
the light they radiate when excited. Any- 
one who has seen a welder heat a copper 
Wire or copper tubing has perhaps re- 
marked on the beautiful green color pro- 
duced. This green color is characteristic 
of the Presence of copper. Also, the pres- 
“nee of table salt spilled on a gas stove 

umer or in a campfire can impart the 


BORAX BEADS—One of the simplest flame 
tests used to determine the presence of cer- 
tain metallic elements is the borax bead test. 
The bead is obtained as follows: First, a plati- 
num wire bent into a loop is heated in an 
oxidizing flame. Then, while still red hot, 


2a 


2b 


the loop is dipped into sodium tetraborate 
(Na2B40; + 10H20), as shown in Illustration 2a. 
In the flame, the borax expands (Illustration 
2b), liberating water of hydration. It then fuses 
into a colorless, transparent, glassy mass—the 
bead (Illustration 2c). 
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ion 3b) 
COLORED BEADS —In order to identify be analyzed. Held in the flame and then unknown; a deep blue bead ee pale 
metallic elements in unknown compounds, the cooled, the bead takes on a characteristic indicates the presence of cobalt acest 
clear bead is again heated to incandescence color. A Purplish-red bead (Illustration 3a) in- blue bead (Illustration 3c) indicates 
and immediately dipped into the substance to dicates the presence of manganese in the copper. 
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however, the are used to identify 
oncentration of ele- 
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characteristic colors, 
be converted to free 
lly done with a nebu- 

n atomizer or simply a 
is device, the solution 
sprayed into the flame. 
perature of the flame then 
partially decomposes the sample in the 
solution to free atoms. 

The light given off by the atoms in the 
flame can then be used to determine both 
the kinds of elements in the sample and 
the concentration of each. The wave- 
length or color of the light indicates 
which elements are present, while the in- 
tensity of the light at each wavelength 
Sives information on the amount of each 
element. To determine the wavelengths 
and intensity of the light, a device called 
a Spectrometer is often used. With this 
device, samples can be rapidly analyzed 
for any of as many as 40 metallic and 
nonmetallic elements, The entire tech- 
nique of measuring the emitted light 
from the flame is called flame emission 
Spectrometry. 


4a 


THIOSULFATE TEST—Certain elements may 
be identified using sodium thiosulfate 
(Na.S203). Sodium thiosulfate (Illustration 4a), 
when heated, decomposes into sodium sulfate, 
sulfur, and sodium sulfide (Illustration 4b). The 
sodium sulfide is the most important because 
it forms the corresponding metallic sulfide of 


4c 


Flame emission spectrometry is a 
widely used technique for elemental an- 
alysis. In particular, the technique is al- 
most universally employed in the de- 
termination of electrolyte concentrations 
in blood and other biological fluids. So- 


4b 


the unknown and has a characteristic color. 
If antimony(III) oxide, Sb2Os, is made to react 
with sodium thiosulfate, a reddish-orange 
color results (Illustration 4c), while with ar- 
senic(III) oxide, As.O3, a canary yellow color 
results (Illustration 4d). 


4d 


dium, potassium, calcium, and magne- 
sium are determined in these clinical 
analyses to such an extent that completely 
automated systems have been developed. 
Without any attention from a technician, 
these automated instruments can perform 
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Colors and Wavelengths for Flame 
Emission of Several Elements 


Element aces Color 
sodium (Na) 5,890 yellow 
calcium (Ca) 4,227 brick red 
potassium (K) 7,665 red ; 
magnesium (Mg) 2,852 ultraviolet 
aluminum (Al) 3,961 violet-white 
zinc (Zn) 4,181 many colors 
silver (Ag) 3,281 ultraviolet 
barium (Ba) 5,535 yellowish-green 
strontium (Sr) 4,607 bright red 
copper (Cu) 3,247 green 


a great number of analyses each hour at 
a level of precision difficult to achieve 
under direct operator control. 

Another flame analysis technique asso- 
ciated with the flame emission procedure 
is called atomic absorption spectrometry, 
or AA as it is often abbreviated. In AA, 
the atoms produced in the flame are 
made to absorb light or radiation from 
an external light source rather than to 
emit, or give off light. This is possible be- 
cause the changes in electronic energy 
states giving rise to the emitted light are 
two-way processes. 

It follows, therefore, that atoms ex- 
isting in the lower energy state in the 
flame can absorb light energy just as 


those in the higher electronic state are 
capable of liberating energy in the form 
of light. 

Because atoms, like most physical sys- 
tems, prefer to be in the lower energy 
state, most atoms in the flame are found 
in the lower state. The AA process, unlike 
flame emission, uses these lower energy 
atoms. Therefore, in some cases, AA is 
the most convenient technique to use, 
since it has more atoms with which to 
work. 

This advantage, and others, has made 
atomic absorption spectrometry the most 
widely used technique for elemental an- 
alyses. The method came into promi- 
nence in the 1960s. 


————— ee ee 


FUSION WITH SODIUM CARBONATE—Com- 
pounds of chromium and manganese often 
can be recognized by their characteristic col- 
ors. Chromium salts are usually yellow, while 
manganese salts may be purple, pink, green, 
or black, depending on the oxidation state of 
the element. Sometimes, however, these ele- 
ments cannot be identified at first glance, or 
their presence may be in doubt. In these in- 
stances a simple test is used. The substance 


Be 5d 


is melted with a mixture of sodium carbonate, 
Na,CO;, and potassium nitrate, KNO,. The 
mixture of sodium carbonate and potassium 
nitrate is mixed with sodium chromate (lIllus- 
tration 5a), or with manganese(Il) carbonate 
(Illustration 5b). Illustration 5c shows the first 
mixture as it is melting and taking on a bright 
yellow color. In Illustration 5d the second mix- 
ture is shown completely melted, with its typi- 
cal deep green color. 


QUALITATIVE WET CHEMICAL 
AN ALYSIS | principles and special techniques 
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HARACTERISTIC REACTION — Precipitation 


of a metal 
pical 


by means of a complex reagent is a 
reaction. Nickel, for example, when 


ri P 
Precipitated with dimethylglyoxime from an 


ammon 


lated solution, yields a red precipitate. 


tify some of the constituents of the un- 
known, it cannot be regarded as a com- 
plete analysis. Nor can it be said that 
analytic tests in the solid state are always 
reliable. 

Accurate and reliable wet qualitative 
analyses of inorganic compounds are 
carried out in solution; that is, both 
the unknown substance and the appro- 
priate reagents are in solution form. Such 
solutions are prepared by dissolving the 
substance in pure water or in another sol- 
vent. Under certain conditions, it is de- 
sirable to dissolve a given compound in 
an acidic, basic, or salt solution, or even 
in a nonaqueous solvent. 

Salts in aqueous solution undergo elec- 
trolytic dissociation; that is, the ions of 
the crystal lattice separate into oppo- 
sitely charged particles. The positively 
charged particles are called cations. 
These are generally metallic ions (atoms 
of metals that have lost one or more elec- 
trons). The negatively charged particles 
are called anions. These may be non- 
metallic or metalloid ions, or negatively 
charged functional groups of atoms 
called radicals. Anions have a negative 
charge because the particle or radical 
contains more electrons than protons. 

Cations and anions are the particles 
that react in inorganic solution chem- 
istry. Such reactions are, therefore, called 
ionic reactions. Aqueous solutions of dif- 
ferent salts of the same metal—for exam- 
ple, cobalt chloride, CoCls, cobalt sulfate, 
CoSO,, and cobalt nitrate, Co(NOs)2— 
will all react positively to the test for 
the Co?+ ion present in all three solu- 
tions. In this example, a characteristic re- 
action identifies the ion common to the 
three salts. It does not, however, reveal 
which salt is being analyzed. Other tests 
are required to identify the three differ- 
ent anions. 

Consider a solution of several salts 
(the most common cause). Under these 
circumstances, several different cations 
and several different anions are dispersed 
throughout the solution. It is not possible 
to determine how these ions were com- 
bined in the original solid state, but it 
is possible to identify the ions one by 
one (with a few exceptions). In other 


words, qualitative analysis of the solu- 
tion will yield the overall ionic composi- 
tion of the mixture. In most practical 
cases, this is quite sufficient. 


IONIC REACTIONS 


Qualitative wet chemical analyses make 
use of those ionic reactions that produce 
a visible change, although occasionally 
the odor of a gas is used to identify an 
ionic substance. 

The chemist recognizes specific reac- 
tion products, and thus can identify the 
ion that yielded the product when it 
reacted with a given reagent. By identi- 
fying and eliminating ions one by one, 
the complete composition of the mixture 
can be determined. The reactions of qual- 
itative analysis are generally of three 
types: 

1. The formation of a precipitate hav- 
ing a characteristic color or appear- 
ance. 

2. The production of a soluble sub- 
stance that changes the color of the 
solution. 

3. The production of a gas having a 
characteristic color or odor. 


CADMIUM SULFIDE—Cadmium, like nickel, 
can be precipitated by means of hydrogen 
sulfide (HS). This reaction is used extensively 
for analytic purposes. The reaction produces 
a precipitate of cadmium sulfide. The charac- 
teristic yellow color of cadmium sulfide identi- 
fies the cadmium ion (Cd?+) at once. 
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4a 


COLOR CHANGE AND GAS PRODUCTION— 
The reaction of an acid solution of iron(II!) 
salts with potassium ferrocyanide results in 
a dark “Prussian” blue solution (Illustration 
4a). In Illustration 4b dense fumes of hydro- 
gen chloride are produced from the reaction 
of sulfuric acid and sodium chloride. 


4b 


A single reaction is not always ade- 
quate, however, to recognize an ion. It 
sometimes happens that the product of a 
reaction does not provide full confirma- 
tion of that particular ion because the 
product is not specific for the ion. Put an- 
other way, several different ions may 
react with the same reagent to yield prod- 
ucts that have the same physical char- 
acteristics. 

For example, consider a solution of lead 
nitrate, Pb(NOs)», another of silver ni- 
trate, AgNOs, and a third of mercury (II) 
chloride, HgClz. These three solutions are 
colorless and transparent; thus, they ap- 
pear to be completely identical. If a 
stream of hydrogen sulfide gas (HS) is 
now passed through each of the solutions, 
in all three cases a similar appearing 
black precipitate will be formed. The 
precipitates are lead sulfide (PbS), silver 
sulfide (AgS), and mercury(II) sulfide 
(Hgs). 

Thus, a chemist not knowing anything 
about the three solutions and carrying 
out just this test would not succeed in 
establishing the fact that the solutions 
contain three different metals. Moreover, 
the chemist would not be able to decide 


which of the solutions contained the sil- 
ver, the lead, or the mercury, nor would 
he be able to exclude the possibility of 
all three metals being present in different 
combinations in all three solutions. When 
this situation arises, it is necessary to 
carry out additional tests on the products 
of the first reaction, or on reserved por- 
tions of the initial solutions. In other 
words, a metallic sulfide precipitate is 
not a product specific to a certain ion; 
rather, it is a product specific to a group 
of metallic ions. 

Nevertheless, an experienced chemist 
will derive, even in cases such as this one, 
useful information from small particulars 
that would not be noticed by a person 
about to undertake qualitative analysis 
for the first time. Thus, the chemist will 
be able to distinguish the solution of 
mercury(II) chloride from the solutions 
of lead nitrate and silver nitrate because 
the precipitate formed by the reaction of 
HgCly and HS will first be whitish, then 
yellow, then brown, and finally black at 
the end of the reaction. The whitish, yel- 
low, and brown colors are due to the for- 
mation of intermediate compounds prior 
to the formation of mercury(II) sulfide, 
compounds that contain chlorine in ad- 
dition to mercury and sulfur. 

In addition, it is important to observe 
carefully the appearance of precipitates 
as they form, noting their fineness, their 
tendency to settle, and their solubility on 
heating or on the addition of water. Both 
silver iodide and lead iodide, for ex- 
ample, are yellow and only very slightly 


KIPP’S GENERATOR—This piece of equipment 
—once indispensable for qualitative analyses 
—was widely used for the production of hy- 
drogen sulfide (H2S) gas. This gas is used for 
precipitating many metals in the form of sul- 
fides. Opening the stopper on the right per- 
mits the gas generating reaction to begin. 
Closing the stopper stops the reaction. 
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ANALYSIS 


The reactions oi 
analysis are not < 
Rather, they must ¢ 


rganic qualitative 

d out at random. 
ow each other in a 
particular order. This is especially true 
when analyzing for metals; that is, for 
cations, Qualitative solution analysis is 
thus a systematic procedure. 

The various metallic ions are sub- 
divided into six analytic groups. Each of 
these groups of cations is precipitated by 
4 specific reagent, provided that the re- 
agent is used at the right time and in the 
correct order with respect to other re- 
‘gents. The six groups are as follows: 
A he first group consists of all the cations 
4 ose chlorides are insoluble (the pre- 

‘Ditating reagent is hydrochloric acid). 

e second group consists of cations 
rp eCPitate as sulfides (the precipi- 

RE porat is hydrogen sulfide gas 
ND Thies an unknown solution 
acid) usly acidified with hydrochloric 


The third group consists of cations pre- 


cipitated by ammonia (the precipitating 
reagent in ammonia—NH,—in the pres- 
ence of ammonium salts). 

The fourth group consists of cations 
that precipitate as sulfides upon the ad- 
dition of ammonium sulfide (the precipi- 
tating reagent is ammonium sulfide). 

The fifth group consists of cations that 
precipitate as carbonates when ammo- 
nium carbonate is added to a previously 
ammoniated solution (the precipitating 
reagent is ammonium carbonate). 

The sixth group consists of all the 
cations that do not have a common rea- 
gent. 


LABORATORY EQUIPMENT 
NEEDED BY CHEMISTS 


Many reagents are required for a com- 
plete qualitative solution analysis. In ad- 
dition to the group reagents listed above, 
reagents are needed for distinguishing 
the various metallic ions within each in- 
dividual group; reagents needed for iden- 
tifying anions; and the common acids and 
bases required for normal chemical oper- 
ations. Many of these reagents must be 


available in both concentrated and dilute 
solutions. Concentrated acids are avail- 
able commercially as follows: nitric acid, 
63 percent; sulfuric acid, 96 percent; and 
hydrochloric acid, 37 percent, Dilute 
solutions, on the other hand, must be pre- 
pared in the proper concentrations re- 
quired for specific analyses. In addition, 
various organic reagents have been added 
during recent years; many different or- 
ganic compounds are available, At times, 
organic reagents can give extremely sen- 
sitive and very specific reactions. The 
laboratory glassware required for quali- 
tative analysis, on the other hand, is 
rather modest. A few beakers, dropping 
bottles, glass rods, spatulas, and test 
tubes suitable for centrifuging are all 
that is required. Precipitation reactions 
are carried out in test tubes; the precipi- 
tates are then collected at the bottom by 
means of centrifuging, The solution re- 
maining at the top of the tube will be 
clear. 

Other equipment needed includes a 
centrifuge, preferably electric, a small 
controlled-temperature water bath, and 
several Bunsen burners. 


8a 


8b 


RATORY EQUIPMENT—Quite apart from 
Fa aon needed for the precipitation of 
ions, the equipment of a laboratory used for 
qualitative analysis should include such items 
as centrifuges, water baths, and Bunsen 
burners. The centrifuge (electric centrifuges 
are in almost exclusive use today) has four 
elongated cavities in which four test tubes 
can be placed (Illustration 8a). The centrifuge 
is used for separating precipitates from solu- 
tions. The water bath can be electric (Illus- 
tration 8b), or a special test-tube holder (Il- 
lustration 8c) can be placed ina container of 
water. Other equipment for qualitative anal- 
ysis includes beakers, spatulas, glass rods, 


and dropping bottles. 
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ampere 

Angstrom unit 

absolute 

alternating current (as an adjective) 
atomic mass unit 

atmosphere 

atomic weight 

astronomical unit 

avoirdupois 


one billion electron volts 
brake horsepower 

brake horsepower-hour 
boiling point 

British thermal unit 


temperature Celsius; temperature 
Centigrade 

candle 

calorie 

cubic feet per minute 

cubic feet per second 

centimeter-gram-second (system) 

centiliter 

centimeter 

square centimeter 

cubic centimeter 

coefficient 

cologarithm 

cosine 

cotangent 

candlepower 

cosecant 

cubic 

cubic foot 


decibel 
direct current (as an adjective) 
dozen 


electromotive force 

the base of the system of natural 
logarithms 

electron volt 


temperature Fahrenheit 
freezing point 

feet per minute 

feet per second 

foot; feet 

square foot 

cubic foot 


lb/ft? 
Ib/ft3 
Ib-in. 
l-hr 
lin ft 
log 
log, 
long. 


m 


ABBREVIATIONS 


footeandle 
foot-pound 


universal gravitational constant 
gram 

gallon 

gram-calorie 

gallons per minute 

gallons per second 


hour 

photon energy 
horsepower 

hertz (cycles per second) 


electric current 
inside diameter 
inch 

square inch 
cubic inch 
inch-pound 
inches per second 


joule 


temperature Kelvin (absolute) 
kilocalorie 

kilogram 

kilogram-calorie 
kilogram-meter 

kilograms per cubic meter 
kilograms per second 
kilometer 

kilovolt 

kilowatt 

kilowatt-hour 


liter; lumen 

latitude * 
pound š 
pound-foot 

pounds per square foot 
pounds per cubic foot 
pound-inch 
lumen-hour 

linear foot 

logarithm (common) 
logarithm (natural) 
longitude 


meter; minute (time, in astronom- 


ical circles) 


SCIENTIFIC SYMBOLS AND ABBREVIATIONS 


alpha particle 

beta particle 
positron 

gamma radiation 

a small change; heat 


wavelength; radioactive-decay con- 
stant 


milliampere 

microcurie 

microfarad 

microinch 

micron 

micromicron 
micromicrofarad 
frequency; neutrino 
3.14159; osmotic pressure 


M 


[e] 


` 


` 


o e B RAV 0 


the sum of 


nuclear cross section (barns); area 


electrical resistance (ohms) 
angular speed; angular velocity 
minute (angular measure) 
second (angular measure) 
male 

female 

is greater than 

is less than 

is proportional to 

infinity 

square root of 


degrees; temperature; angle measure- 


ment (example, 30°) 


[] 
+ 


Il 


square meter 

cubic meter 
milliampere 

one million electron volts 
milligram 

millihenry 

mile 

square mile 

minute 

meter-kilogram 

milliliter 

millimeter 

square millim 

cubic millime 
millimicron 

miles per hoi 

miles per ho» second 
millivolt 


Avogadro's « it 
factorial n 


outside diar 
ounce 


rating on ac kaline scale 
parts per m 

pounds per ire inch 

pounds per we inch absolute 
temperature aumur; resistance 
right ascensi: 

revolutions pr minute 
revolutions p: second 


secant; sect 
sine 
specific gra 
square 


tangent 


volt 
volt-amper 


watt; work 
yard 


square yard 
cubic yard 


molar concentration 

positive electric charge; mixed with; 
plus 

negative electric charge; 
lent bond; minus 

equals; double covalent bond; pro 
duces 

does not equal 

triple covalent bond 


single cova 


produces; forms; chemical reaction 

reversible chemical reaction 

gas produced by a chemical reaction 

precipitate produced by a chemical 
reaction 

radioactive substance (follows sym 
bol of element; example, cl’) 
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DICTIONARY 


Inductive Method to Lava 


KEY TO PRONUNCIATION 


The diacritical marks are: 


ə banana, abut e bet th thin 
ə preceding l, m, n é beat th then 

as in battle i tip ü rule, fool 
ò electric ī bite ù pull, wood 
ər further j job, gem ue German 
a mat q sing hübsch 
ā day 6 bone we French rue 
ä cot, father ò saw, all yü union 
au now, out di coin zh vision 


' mark preceding the syllable with strongest stress. 
, mark preceding a syllable with secondary stress. 


The system of indicating pronunciation in these volumes is used by permission 
from Webster's Third New International Dictionary, copyright 1961 
by G. & C. Merriam Co., Publishers of the Merriam-Webster Dictionaries. 


inductive method 


inductive method \in-'dak-tiv 'meth-ad\ , 
The act of reasoning from a particular instance or particular 
instances to a general conclusion. 


The pucrive MetHOp is used in making the generalization 
that “The sun always rises in the east.” 


inert \in-'ort\ adj. 
cuemistry. Describing a substance that does not usually react 
or combine with other substances to form compounds. 


Helium, argon and krypton are INERT gases. 


inertia \in-'or-sha\ n. 
puysics. The characteristic of all matter that causes it to stay 
at rest, or stay in constant motion, unless an outside force acts 
upon it. It is a property independent of gravity and may be 
measured by any one of several units of mass. 


An object would have the same amount of NeRTIA on the moon 
as on the earth, even though its weight would be less on the 
moon. 


inertial guidance \in-'ar-shol 'gī-dəns\ 
AERONAUTICS and ASTRONAUTICS. Control of a vehicle’s course 
by self-contained accelerometers and gyroscopes that, in re- 
sponse to inertial forces, activate control mechanisms. 


The system of INERTIAL GUIDANCE that is used in some rockets 
and aircraft provides guidance without the use of any ground- 
located stations or components. 


inertial system \in-'ar-shol 'sis-tam\ 
puysics. A frame of reference within which Newton's laws of 
motion hold true; also, a set of points that do not move with 
respect to each other and that can be used to locate events or 
things. 


The earth, which appears to stand still, is an INERTIAL SYSTEM 
within which travel by automobile can be described. 


infection \in-'fek-shan\ n. 
MEDICINE. Invasion of an animal or a plant by disease-produc- 
ing organisms with consequent reactions of the tissues. 


Antiseptics are used on cuts and scratches to prevent INFEC- 
TION. 


inferior \in-'fir-é-or\ adj. 
1. anatomy. Describing the position of a structure or organ 
that is located below, or in a relatively lower position than, 


Driver's body continues to 
move forward after car stops 


INERTIA 


SKIN BROKEN BY NAIL PUNCTURE 
o* le. 


INFECTION 


INFERIOR ———— 


VENA CAVA \ 
+h 
| 
id 


INFERIOR 


INFERIOR PLANET 


New corn plants 


inflection point 


some other part; also, sometimes, a structure that is directed 
or pointed downward. 2. Of poor quality. 


The inFERtor vena cava is a large vein that returns blood from 
the lower parts of the body to the right side of the heart. 


inferior planet \in-'fir-é-or 'plan-at\ 
astronomy. A planet, either Mercury or Venus, that orbits be- 
tween the earth and the sun. 


Venus, an INFERIOR PLANET, is closer to the sun and therefore 
has a shorter period of revolution than does the earth. 


infinite \'in-fa-not\ adj. 
MATHEMATICS. Having a larger value than any known quan- 
tity; continuing to infinity. 


The set of all positive integers is INFINITE. 


infinite series \'in-fə-nət 'si(a)r-(,)éz\ 
MATHEMATICS, The sum of a sequence of terms in which the 
sequence progresses according to some law, or plan, but never 
ends, regardless of how small the succeeding terms may be- 
come. 


An INFINITE SERIES may or may not approach a limit. 


infinitesimal \(,)in-,fin-o-'tes-o-mal\ n. 
MATHEMATICS. A quantity, smaller than any known value, that 
approaches zero but never reaches it. 


Calculus is based on the concept of the INFINITESIMAL, 


infinity \in-'fin-ot-é\ n. 
MATHEMATICS. A concept whose value exceeds that of any 
finite value, or a dimensional space that is extended beyond 


finite bounds or limits. 
The cardinal number of the set of positive integers is X (aleph- 
null), or countable INFINITY. 


inflammable \in-'flam-a-bal\ adj. 
Used interchangeably with flammable. See flammable. 


inflection point \in-'flek-shon ‘point\ 
AE, A point ou a curve at which the curve changes 
its direction of bending; also, more specifically, a point on the 
graph of a continuous function at which the graph changes its 


concavity. 


A curve of a continuous function has an INFLECTION POINT at 
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inflorescence 


only those points where the values of the second derivative 
change signs. 


inflorescence \,in-flo-'res-°n(t)s\ n. 
norany. A cluster of flowers, or the specific arrangement of 
flowers on a plant. 


A carrot plant has an umbrella-shaped INFLORESCENCE. 


information retrieval \,in-for-'ma-shon ri-'tré-val\ 
ENGINEERING and MATHEMATICS, Any technique for recovering 
data or printed matter, often through the use of a computer 
complex or network. 


A system of INFORMATION RETRIEVAL can provide quick access 
to book collections in many parts of the country. 


infrared radiation \,in-fra-'red ,rad-é-'a-shon\ 
puysics. The invisible rays of the electromagnetic spectrum 
that have a wavelength slightly longer than that of the visible 
color red, but shorter than that of radio waves, They may be 
sensed as heat radiation. 


Night photographs, without flashbulbs, may be made with 
film that is sensitive to INFRARED RADIATION. 


infrasonic \,in-fro-'stin-ik\ adj. 
puysics. Referring to sound waves that have a frequency below 
the range of human hearing. 


INFRASONIC waves may be tape-recorded and made audible by 
replaying the tape at a higher speed. 


infusion \in-'fyii-zhon\ n. 

1. Mepicine, The introduction of a liquid, such as a saline or 
glucose solution, into a vein. Infusion depends on gravity to 
cause the flow of liquid. 2. siotocy. A suspension in water of 
decaying organic matter containing such microorganisms as 
protozoa. 3. CHEMISTRY. A water solution of soluble substances 
obtained by soaking a substance or tissue; also, the process of 
obtaining such a solution. 


A patient is often given an mrusion of saline solution or blood 
plasma after an operation to keep his blood pressure up. 


ingestion \in-'jes(h)-chan\ n. 
PuystoLocy and zootocy. The act of taking in food or other 
substances; also, eating or swallowing. 


White corpuscles in infected tissues may take in bacteria by 
the process of 1ncrstion and use them as food. 


SWEET WILLIAM 


INFLORESCENCE 


SOUND WAVES 


More than 20,000 
cycles per second 


RANGE AUDIBLE 
TO HUMAN EAR 


20 to 20,000 
cycles per second 


Less than 20 
cycles per second 


INFUSION 


Eg 


T~ Pea plants tall or dwarf 


QO @ 


Seeds smooth or wrinkled 


Flowers white or red 


INHERITED CHARACTERISTICS 
STUDIED BY MENDEL 


SEMICIRCULAR CANAL 


ACOUSTIC 
NERVE 


INNER EAR 


COCHLEA 


inoculation 


inhalation \,in-(h)a-la-shon\ n. 
PHYSIOLOGY. The process of breathing in or taking air into the 
lungs. 
In INHALATION, the slight lowering of pressure within the chest 


cavity results in air being pushed into the lungs by the higher 
outside pressure. 


inherited characteristics \in-‘her-ot-ad ikar(-i)k-to-'ris-tiks\ 
BIOLOGY. Those physical traits, such as pattern baldness and 
eye color, that are transmitted from parent to offspring through 
genes. 


Blood types are INHERITED CHARACTERISTICS, but scars are 
acquired characteristics. 


inhibition \,in-(h)a-'bish-on\ n. 
1. puysiotocy. The restraining or arresting of a body process. 
2. cuemisrry. The slowing or stopping of a chemical reaction 
due to the presence of a given substance; negative catalysis. 


INHIBITION of the breathing rate may be effected by conscious 


effort. 


inhibitor \in-'hib-ət-ər\ n. 

1. CHEMISTRY. À substance that, by its presence, slows down or 
stops a chemical reaction. 2. PHYSIOLOGY. Any substance that 
slows down or checks the function of a tissue or an organ. 
3. mepicine. A chemical that holds in check the growth of 
microorganisms within the body. 

A rust wmBrror may be added to the fluid in the cooling sys- 
tem of an automobile. 


inner ear \'in-ər 'i(2)r\ Í 
E and peia The part of the ear that contains 
the bony labyrinth, the cochlea and the three semicircular 
canals, and that functions in both the sense of hearing and the 
sense of balance. 
The snail-shaped cochlea of the INNER EAR contains sensory 


nerve endings. 
inoculation \in-äk- ə-'lā-shən\ n. í 

1 ener The eee of microorganisms, serums or 
ther infective materials into an animal or a plant, causing a 

parade of antibodies within the organism and resulting 

ini unity to the infection thus introduced. 2. BIOLOGY. The 

pana of microorganisms into living tissue, either ani- 

a . 

mal or plant, or into a culture medium. 

The frequency of poliomyelitis is being reduced through Noc- 


ULATION. 
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inorganic \,in-(,)or-'gan-ik\ adj. spi 
CHEMISTRY. Referring to any substance not originally composed 
of living matter; also, frequently, referring to any substance 
that does not contain carbon compounds. 


Table salt is an worcanic substance, but wood and sugar are 
organic substances. 


inorganic acid \,in-(,)r-'gan-ik 'as-ad\ 
CHEMISTRY. Any acid that is not a compound of carbon; usually, INORGANIC 
a strong acid. 


Sulfuric acid is an INORGANIC ACID. SALT 


inphase \'in-,faz\ adj. 
puysics. Describing the condition of two or more series of re- 
peating actions or events in which matching actions happen 
at the same time, such as the surges of electrical current in a 
given direction at exactly the same time in two separate elec- 
trical alternating current circuits. 


The menase component is the active part of an alternating 
current in a reactive circuit. ORGANIC 


input \'in-,put\ n. 
puysics. The signal or energy sent into a device, usually elec- 
trical or mechanical energy. Input is contrasted with output, 
which is the signal or energy produced by a device. 


The power input of an electrical transformer is always greater 
than the output because some electrical energy is always con- 
verted into heat. 


inscribed \in-'skribd\ adj. 
MATHEMATICS. Descriptive of a geometric figure placed inside, 
but not coincident with, an outer figure, so that the vertices 
of the inner figure (provided it is a polygon or polyhedron) 
lie on the outer figure or so that each side or face of the outer 
figure (provided it is a closed curve or curved surface) is 


tangent to the inner figure. INSCRIBED See 
A triangle wscrieen in a circle has its three vertices on the 


circle. 


inscribed angle \in-'skribd 'an-gal\ 
MATHEMATICS. An angle whose vertex is on a circle and whose 
sides are chords of the circle. 
An INSCRIBED ANGLE may be part of an inscribed geometric 
figure. 
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INSECT 


TEMPERATURE INVERSION 


INSTABILITY 


instability 


insect \'in-,sekt\ n. 
ZOOLOGY. Any animal having three pairs of legs, three distinct 
body divisions and, usually, two pairs of wings. 


Because it has four pairs of legs, two body divisions and no 
wings, a spider is not an 1NsEcT. 


insectivorous \\in-,sek-'tiy-(a-)ras\ adj. 
BIOLOGY. Describing animals whose food consists chiefly of in- 
sects, and plants that can obtain nitrogen from the bodies of 
trapped insects and other small animals. 
The woodpecker and the sundew plant are 1Nsecrivorous or- 
ganisms. 


insertion \in-'sor-shon\ n. 
ANATOMY. The end of a muscle that is attached to the bone 
that it moves. 


Fibrous tissue connects the 1NsERTION of a muscle to a bone. 


insolation \,in(t)-(,)s6-'la-shon\ n. 
EARTH SCIENCE. The radiant energy received by the earth from 
the sun. The energy received depends upon the distance from 
the sun, the length of the day, the condition of the atmosphere 
and the angle of exposure. 


INSOLATION has a warming effect only if it is absorbed by the 
atmosphere or the earth. 


insoluble \(')in-'sil-ya-bal\ adj. 
cuemistry and prysics. Describing something that does not 
dissolve. 
Table salt dissolves in water but is practically NsoLuBLE in 
alcohol. 


inspiration \,in(t)-spo-'ra-shon\ n. 
pHysioLocy and zootocy. Breathing in; inhalation. 


The muscles of the diaphragm contract during INSPRATION. 


instability \,in(t)-sta-'bil-at-é\ n. 

1. EARTH SCIENCE. A condition of the atmosphere in which there 

is an abnormal vertical distribution of temperature or moisture. 

92, cuemistRy and pxysics. A condition that is not permanent; 
a temporary condition, as in a supersaturated solu- 
led liquid, in which crystals form rapidly 
of solid is introduced; sometimes, the con- 
unstable and therefore tending to 
see also unstable and supercooled. 


of thunder- 


specifically, 
tion or a supercoo: 
when a small piece 
dition of being chemically 
react or decompose readily; 
instapiity of the atmosphere is a major cause 


storms, 
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instinct \'in-,stin(k)t\ n. 


PHYSIOLOGY and zootocy. A predictable behavior pattern char- 
acteristic of one species and largely determined by heredity. 


The web-building wstincr of a spider is inherited. 


instrument landing system \'in(t)-stra-mont 'land-iy ‘sis-tam\ 


AERONAUTICS. A system of radio signals from the ground by 
which a pilot, with proper receiving instruments, can make an 
approach to a runway, even though he cannot see it; abbr. 
ILS. 


An INSTRUMENT LANDING SYSTEM differs from a ground-con- 
trolled approach system in that the latter involves continuous 
communication with a controller on the ground. 


insulation \,in(t)-sə-'lā-shən\ n. 
CHEMISTRY and PnysIcs. A material used to prevent or reduce 
the passage of electricity, heat or sound from one area or sub- 
stance to another. 


Air and porcelain are both used as electrical 1NSULATION. 


insulin \'in(t)-s(ə-)lən\ n. 
PHYSIOLOGY and zooLocY. A hormone that regulates carbohy- 
drate metabolism in the bodies of some vertebrate animals. 


In man, 1nsuuin is produced by the islands of Langerhans in 
the pancreas. 


integer \'int-i-jar\ n. 
MATHEMATICS. Any whole number, either positive or negative, 
or zero. 


When two integers are added, subtracted or multiplied, the 
result is always a unique INTEGER. 


integral \'int-i-gral\ 
MATHEMATICS (Adj). Relating to an integer or whole number, 
as distinguished from a fractional number; also, in algebra, 
referring to an expression or to an equation in which none of 
the variables appears in the denominator and all the exponents 
are positive; also, in calculus, relating to, or pertaining to, 
integration. (N.). The antiderivative, if one exists, of the func- 
tion designated as the integrand; also, a function, usually 
termed the indefinite integral, whose derivative is the given 
function; also, the number, termed the definite integral, that is 
the difference between the values of the antiderivative at two 
specified points in the domain of the independent variable; 
also, geometrically, provided the integrand is a function whose 
independent variable is x, the number that represents the net 


SPIDER SPINNING WEB 


INSTRUMENT LANDING SYSTEM 


VERTIC, l Rap, RUNWAY 


| 
GLIDE SLOPE 


GLIDE SLOPE BEAM TRANSMITTER 


COPPER WIRES CARRY 
ELECTRIC CURRENT 


\ 


INSULATION 


(ACTUAL SIZE) 


INTEGRATED CIRCUIT 


INTEGUMENT 


intensity 


area of the portion of a Cartesian plane bounded by the graph 
of the integrand, the x-axis and the lines x = a and x = b, where 
a and b are the limits, or the bounds, of integration, the number 
referred to being originally defined in terms of the limit of a 
sequence of sums of areas of rectangles or of trapezoids so 
drawn as to approximate the desired number. 


In the INTEGRAL A = {i x*dx, x? is the integrand and x = 1 and 


x = 2 are the limits of integration, and since the derivative of 
2/3 = x, A= 28/3 — 13/3 = 8/3 — 1/3 = 7/3. 


integral calculus \'int-i-grol 'kal-kyə-ləs\ 
MATHEMATICS. The study of the process and the theory of inte- 
gration and its application in solying varied physical problems, 
such as determining the lengths of arcs, the areas of surfaces, 
the volumes of solids, the centroids of plane areas and of solids, 
fluid pressures and work done by a variable force. 


INTEGRAL CALCULUS has many applications in engineering. 


“integrated circuit \'int-o-,grat-ed 'sər-kət\ 


ENGINEERING and pxysics. A miniature electronic device con- 
sisting of a silicon chip into which the semiconductor equiva- 
lents of several hundred conyentional electronic components 
have been formed and interconnected by various diffusion and 
etching procedures. 


The wwtecraten cincurr is particularly useful where weight and 
space are important, as in the electronic equipment carried by 


spacecraft. 


integument \in-'teg-yo-mont\ n. 
ANATOMY and sioLocy. The enclosing membrane or covering 
of the body of a plant or animal; also, the skin. 


The epidermis of a leaf is an INTEGUMENT. 


intensifier \in-'ten(t)-so-,fi(-a)r\ n. 
1. cHemistry and prysics. A substance that increases the mag- 
nitude, or amount, of a specific phenomenon; also, in photog- 
raphy, a chemical preparation that increases the contrast ina 
print or negative. 2, ENGINEERING. A device consisting basically 
of two connected cylinders of different diameters fitted with 
pistons and used to increase fluid force. 

rcury compounds may be used as an 


everal me: 
A Oe aa the blackness of an image on a photo- 


INTENSIFIER to increase 
graphic film or plate. 


intensity \in-'ten(t)-sot-€\ n. 
eae An expression of the concentration of force, energy or 
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intensity level 


particles in a given area, volume or period of time; also, the 
amount of energy, such as light, electricity or sound, that passes 
through a given area in a certain time. 


The wrensity of light received by the eye from a given source 
decreases as the distance between the eye and the source in- 


creases. 


intensity level \in-'ten(t)-sot-é ‘lev-al\ 
ENGINEERING. A comparison of the loudness of one sound with 
that of another, or with a preset standard level. 


Just before a telecast, the sound engineer checks the 1nTENSITY 
LEVEL of all microphone-amplifier systems. 


intercept \,int-ar-'sept\ v. 
MATHEMATICS. To bound or cut some portion of a surface, solid, 
line or plane. 


Two parallel lines inrercert equal arcs on a circle. 


interdependence \,int-ar-di-'pen-don(t)s\ n. 
sioLocy. Mutual reliance of living organisms on one another 
for food, support, growth or development. For example, birds 
require plants for protection and food but, in turn, contribute 
to the survival of plants by eating harmful insects and trans- 


porting seeds. 


INTERDEPENDENCE among plants and animals is illustrated by 
the oxygen-carbon-dioxide cycle. 


interference \,int-a(r)-'fir-on(t)s\ n. 
puysics. The canceling or intensifying effect that results when 
two wave trains of the same, or nearly the same, frequency 
overlap each other. In the case of canceling (destructive inter- 
ference), the crest of one wave overlaps the trough (depres- 
sion) of the other wave. 


The production of a spectrum by a diffraction grating is due to 
INTERFERENCE. 


interferometer \,int-a(r)-fo-'ram-at-or\ n. 
PHYSICS. An instrument used in the precise measurement of light 
wavelengths. It utilizes interference by splitting one light beam 
into two parts and bringing them back together after one travels 
a slightly-greater distance than the other. 


An INTERFEROMETER may be used to show that the speed of 


light is independent of the relative motion between the source 
and the receiver. 


INTENSITY LEVEL 


(of sound in decibels) 
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AMERICA 
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DATE LINE 


(PHALANGES) 
(Fingers) 


internode 


intergalactic \,int-or-go-'lak-tik\ adj. 
ASTRONOMY. Referring to space between and beyond the gal- 
axies of the universe. 


INTERGALACTIC space can be considered to extend from the 
outer limits of interstellar space into the regions beyond. 


interior angle \in-'tir-é-or ‘an-gal\ 
MATHEMATICS. An angle formed by two adjacent sides of a poly- 
gon; also, one of the four angles formed by two lines and the 
segment of a transversal cut off by them. 


The bisector of an INTERIOR ANGLE of a triangle divides the 
opposite side into segments proportional to the adjacent sides. 


intermediate host \,int-ar-'méd-é-at 'höst\ 
BIOLOGY and MEDICINE. A living animal or plant in which para- 
sites in a larval or undeveloped state exist and from which the 
parasites pass for development in the final host. 


An INTERMEDIATE Host may be unaffected by the parasitic 
larvae he carries, 


international date line \,int-ar-'nash-nol ‘dat ‘lin\ 
EARTH SCIENCE. A line, roughly along the 180-degree meridian, 
at which standard time changes forward or backward by 24 
hours, or one calendar day. 


In crossing the INTERNATIONAL DATE LINE from east to west, 
the calendar date is moved ahead one day. 


International Geophysical Year \,int-or-'nash-nol _,jé-0-'fiz-i- 
kal 'yi(a)r\ 
EARTH SCIENCE. The period of about 18 months during 1957 
and 1958 in which scientists from 67 nations pooled resources 
and techniques to learn more about the earth, atmosphere and 
space. Many research stations established during this period 
of time have continued to be used as international scientific 
observation centers; abbr. IGY. 
The launching of the first artificial satellite on October 4, 1957, 
was part of the planned program of the INTERNATIONAL GEO- 
PHYSICAL YEAR. 


internode \'int-ar-,ndd\ n. 
l. anatomy and zooxocy. The part of a structure between 
two nodes; see node (1). 2. BOTANY. The section of a plant 
stem between two successive nodes; see node (2). 3. PHYSICS. 
The distance between two successive nodes in a standing wave 
system; see node (3). 


The part of a nerve fiber between two ganglia is an INTERNODE. 
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interphase | 


interphase \'int-or-,faz\ n. 
pioLocy. The stage of the nucleus of a cell between mitotic cell 
divisions. The stage is characterized by indistinction of chromo- 
somes and is also called the resting stage. 


There is evidence that during INTERPHASE genes are duplicated. 


interplanetary \,int-or-'plan-o-,ter-é\ adj. 
ASTRONAUTICS and AsTRONOMY. Describing the space between 
the planets in the solar system. 


Recent research indicates that there is probably some kind of 
sparse atmosphere throughout INTERPLANETARY space. 


interpolation \(,)in-,ter-po-'la-shan\ n. 
MATHEMATICS. The process of finding or calculating interme- 
diate values in a series other than by the assumed or given 
law of the series. 


The mantissa of a number having one more significant figure 
than those given in a table can be approximated by linear 1m- 
TERPOLATION. 


interpreter \in-'tor-prot-or\ n. 
ENGINEERING and MATHEMATICS. A part of a computer that prints 
on a punch card the information punched on that card. 


Chromosomes indistinct 
One type of INTERPRETER prints data on a punch card at the 
same instant the card is punched. INTERPHASE 


interrogator-responder \in-'ter-9-,gat-or ri-'spän-dər\ 
ENGINEERING and PHYSICS. A type of transceiver that transmits a 
signal to a transponder and that receives and displays the reply 


from the transponder. 

Many commercial aircraft carry an INTERROGATOR-RESPONDER as 

an integral part of their distance-measuring equipment. POINTS OF INTERSECTION 
intersect \,int-or-'sekt\ v. \ 


MATHEMATICS. In geometry, to meet or cross at one or more 
common points; also, to have one or more points or elements 
in common. 


A circle and a straight line can wnTERsECT at no more than two 


‘oints. 
i INTERSECT 


interstellar \,int-ər-'stel-ər\ adj. 
AstTRoNoMY. Referring to the space around the stars of the 
Milky Way or other galaxies; also, referring to the space be- 
yond interplanetary space that extends to intergalactic space. 


Because INTERSTELLAR space is so vast, distances between stars 
are expressed in terms of light-years. 
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INTRAVENOUS 
(FEEDING) 


MEDIUM -GRAINED 
GRANITE $ 


INTRUSIVE § 


F= m X m 
d: 
WHEN F= FORCE IN DYNES 


m = UNIT OF POLE STRENGTH 
m: = UNIT OF POLE STRENGTH 


d = DISTANCE BETWEEN POLES, 
IN CENTIMETERS 


INVERSE-SQUARE LAW 


(for magnetic forces} 


inverse variation 


interval \'int-ar-val\ n. 
MATHEMATICS, The totality of points, or numbers, between two 


end points, either including the end points (closed interval) 
or excluding the end points (open interval). 


The closed wteRvax that includes all real numbers from 1 
through 10 may be designated symbolically as [1,10]. 


intestines \in-'tes-tonz\ n. 
ANATOMY. The alimentary canal, including the three parts of 
the small intestine (duodenum, jejunum and ileum) and the 
large intestine, 


In the wrestines, digestion is completed, absorption takes 
place and undigested materials are temporarily stored. 


intravenous \,in-tra-'vé-nés\ adj. 
ANATOMY and MEDICINE, Referring to the inside of a vein or to 
material that is put into the veins. 


INTRAVENOUS feedings of such nutrients as glucose and amino 
acids are sometimes necessary after certain operations. 


intrusive \in-'trii-siv\ adj. 
EARTH SCIENCE. Describing igneous rock that solidified under 
the earth’s crust rather than on its surface. 


Because it has cooled slowly, wwrrustve rock usually has large 
crystals. 


inverse ratio \(')in-'vars 'ra-(,)sho\ 
MATHEMATICS, The reciprocal ratio, or the ratio between the 
reciprocals of quantities or numbers. 


The inveRsE RATIO for the ratio 3:5 is the ratio 5:3, 


inverse-square law \(')in-'vars 'skwa(a)r 'lo\ i 
puysics. A principle stating that intensity of energy received 
from a point source decreases as the square of the distance 
between the receiver and the source. Thus, when the distance 
is doubled, the intensity is 4 of the original intensity, and 
when the distance is tripled, the intensity is 14 of the original 
intensity. 

The INVERSE-SQUARE LAW holds true for gravitational and mag- 
netic forces, as well as for many types of energy. 


iation \(')in-' er-6-'a-shan\ 
inverse variation \(')in-'vars V! EEA 
mpc kr A relation between two quantities in which one 
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inversion 


quantity increases and the other decreases, or vice versa, in 
such a manner that their product remains constant. 


The equation lw = 24 expresses an INVERSE VARIATION because 
the product of | and w is always the same number. 


inversion \in-'ver-zhan\ n. 

1. EARTH SCIENCE. A condition of the atmosphere in which the 
temperature increases with height instead of the usual decrease 
with height; also, folding of rock strata back over themselves, 
resulting in a reversal of the order of succession. 2. CHEMISTRY 
and prysics. A process of changing a substance that rotates 
plane-polarized light clockwise to one that rotates the same 
light in the opposite direction. 3. MATHEMATICS. In proportions, 
an interchange of the first and second terms and of the third 
and fourth terms; also, the process of finding an inverse. 


An INveERSION near the earths surface is a common cause of 
ground fog. 


invertebrate \(')in-'vort-o-brat\ n. 
zootocy. Any animal that does not have an internal backbone, 
such as protozoa, shellfish and insects. 


An INVERTEBRATE is a member of the subkingdom that includes 
about 95 percent of all animals. 


inverted image \in-'vərt-əd 'im-ij\ 
puysics. An image that is upside down relative to the object 
it represents. 


Human eyes project an iNvertep mace on the retina, but the 
brain learns to interpret the image as being right side up. 


inverter \in-'vort-ar\ n. 
ENGINEERING. A device that changes direct current into alter- 
nating current. 


One type of mveRTER is a gas-filled vacuum tube. 


invisible light \(')in-'viz-a-bal ‘lit\ 
puysics. Electromagnetic radiation that has wavelengths shorter 


or longer than those of visible light; ultraviolet and infrared 
radiations. 


Most rnvisiete ucar can be detected and recorded by special 
photographic film. 


involuntary muscles \(')in-'vil-on-,ter-8 'mas-alz\ 
ANATOMY. Muscles that are stimulated to action by the lower 
centers of the nervous system or by hormone action and are 


INVOLUNTARY 47 ~), 


DIAPHRAM 


MUSCLE 


INVERTED IMAGE 


This electron lost when 
atom becomes ion 


@)\— 


(Neutral charge) 
sopium ION 
(positive charge) 


ION EXCHANGE (IN WATER SOFTENER) 


HARD WATER === SOFT WATER 


ZEOLITE 


Calcium and magnesium ions from water 
replace sodium ions in zeoliʻe 


ionic bonds 


therefore not consciously controlled, as muscles of the heart; 
see voluntary muscles. Í 


The muscles of the diaphragm may act either as voluntary or 
INVOLUNTARY MUSCLES. 


iodine \'ī-ə-,dīn\ n. 


CHEMISTRY. A blue-gray crystalline element with nonmetallic 
chemical properties. Iodine is a member of the halogen family 
of elements that includes chlorine and bromine. Symbol, I; 
atomic number, 53; atomic weight, 126.9044, 


IODINE is most common as a dilute solution in ethyl alcohol 
and is called tincture of iodine, 


ion \‘i-an\ n. 


CHEMISTRY and PHYSICS. An atom, or group of atoms, that has 
gained or lost one or more electrons and is therefore electrically 
charged plus or minus. ` 


In a crystal of table salt, there is one positive 10N (sodium) for 
every negative ion (chloride). 


ion engine \'ī-ən 'en-jən\ 


ASTRONAUTICS and ENGINEERING. A rocket engine in which a 
heavy element, such as mercury or cesium, is ionized by chemi- 
cal or nuclear heat. The ions are accelerated electrically to pro- 
vide thrust. 

Because an 10N ENGINE produces very low thrust, it will be most 
useful in interplanetary space, where the gravitational force of 
the planets is small. 


ion exchange \'i-an iks-'chanj\ 


CHEMISTRY and ENGINEERING. A process by which certain ions 
in solution are removed, and different ions of the same charge 
take their place. Ion exchange is frequently accomplished by 
flowing a solution over a solid with which ions will be traded. 
Under special conditions, the direction of trading may be re- 
versed. The process does not result in a noticeable structural 
change in the solid but may give the solution different prop- 


erties. 
ION EXCHANGE is used to soften water. 


ionic bonds \i-'an-ik 'bandz\ 


cuemistry. The attracting forces between ions of opposite 
charge in a crystalline compound. an 

A crystal of table salt is composed of sodium and chloride ions 
held rigidly in place by 10N1C BONDS. 
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ionic theory 


ionic theory \i-'dn-ik 'thé-o-ré\ 
CHEMISTRY. A theory of ion production. See ionization. 


ionization \,i-o-no-'za-shon\ n. a. 
cuEemistry and puysics. The process by which ions are pro- 
duced from molecules or atoms. It may involve breaking mole- 
cules apart so that the fragments each have unequal numbers Amesehere 4 
of plus and minus electrical charges. It may also involve heat-  srorospnhere 
ing, or otherwise energizing, atoms to the extent that one Or toposphere 
more electrons leave, thereby producing positive ions. 


The passage of an alpha particle through the air causes 10N1ZA- 
rion of oxygen and nitrogen molecules along the path of the IONOSPHERE 
particle. 


ionosphere \i-'in-a-,sfi(a)r\ n. 
EARTH SCIENCE. A region of the earth’s atmosphere beginning 
about 50 miles above the surface and extending to about 650 
miles. It consists of scattered air particles that are ionized by 
solar radiation. 


The 1oNosPHERE contains several layers that reflect certain 
radio waves back to the earth. 
IRIS 
ion propulsion \'i-on pro-'pel-shon\ 
ASTRONAUTICS and ENGINEERING. Rocket propulsion by an ion 
engine. See ion engine. 


IR 


An abbreviation for interrogator-responder. See interrogator- 
responder. 


iridescence \,ir-9-'des-°n(t)s\ n. 
A display of rainbowlike colors as a result of the diffraction of 
light reflected from corrugated or closely-ribbed surfaces, or 
by interference in a thin film, such as a soap bubble. 


IRON 


Nucleus 


©) 


2 ELECTRONS IN N-SHELL 
i4 ELECTRONS IN M-SHELL 
8 ELECTRONS IN L-SHELL 

2 ELECTRONS IN K-SHELL 


IRIDESCENCE is a characteristic of quartz crystals and mother- 
of-pearl. 


iris \'i-ras\ n. 
Anatomy. The pigmented, or colored, structure at the front of 
the eye, located directly in front of the lens and surrounding 
the pupil, or opening, through which light passes to the retina. 


Involuntary muscles change the size of the ms to control the 
amount of light reaching the retina. 


iron \'i(-0)rn\ n. 
CHEMISTRY. A metallic element that is malleable, ductile and 


“ISLAND 


ISLAND 


PANCREAS 


ISLANDS OF Noe 
LANGERHANS 


islands of Langerhans 


magnetic. It is seldom found chemically pure. Symbol, Fe; 
atomic number, 26; atomic weight, 55.85. 


Carbon is used in most industrial processes for obtaining mon 
from its ores. 


iron lung \'i(-ə)rn 'len\ 
MEDICINE. A large metal respirator that encloses the entire body, 
with the exception of the head, and maintains breathing arti- 


ficially by first increasing and then decreasing the air pressure 
around the body. 


An oN LUNG is used in cases in which the nerves that control 
the muscles used in breathing have been damaged or destroyed. 


irradiation \(,)ir-,Ad-é-'d-shan\ n. 
The process of exposing matter to some kind of radiation, such 
as ultraviolet light or X ray. 


Microorganisms in food and clothing may be destroyed by 
IRRADIATION. 


irrational numbers \(')ir-'(r)ash-nal 'nam-berz\ 
MATHEMATICS. Numbers that cannot be expressed as the quo- 
tient of two numbers. 


The numbers represented by the symbols \/2 and \/3 are 
IRRATIONAL NUMBERS. 


irritability \ ir-ot-a-'bil-at-é\ n. 
BIOLOGY and PHYSIOLOGY. The ability of living cells, tissues or 
organisms to react or respond to both internal and external 
stimuli. This ability is one of the distinguishing characteristics 
of all living things. 
The responses of organisms to light, heat, sound and touch are 
examples of IRRITABILITY. 


island \'i-lond\ n. 


EARTH SCIENCE. A land area smaller than a continent and com- 
pletely surrounded by water. 


The 1sLanp of Hawaii is made up of five volcanoes that rise 
nearly six miles from the ocean bottom. 


islands of Langerhans \i'-lendz əv 'Iäy-ər-,hän(t)s\ 
ANATOMY and PHYSIOLOGY. Small groups of glandular cells 
within the pancreas that function as ductless or endocrine 
lands and that produce the hormone insulin; also known as 


the islets of Langerhans. 


Insulin, the secretion from the ISLANDS OF LANGERHANS, goes 
directly into the bloodstream and not into the digestive tract. 
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isobars 


isobars \'i-so-,barz\ n. $ 
EARTH SCIENCE. Lines drawn on weather maps through points 
having the same barometric pressure. 


By studying the arrangement of 1soBars on a weather map, a 
meteorologist can predict the direction and speed of a storm. 


isoelectric point \,i-(,)sd-i-'lek-trik ‘point\ 
CHEMISTRY. That relative acidity, or pH value, for a colloidal 
solution of a specific protein in water at which the protein par- 
ticles are not attracted to either a positive or a negative elec- 
trode. It occurs when there is no electrical charge difference 
between the protein particles and the water and is a property 
useful in identifying unknown proteins. 


A given colloidal solution of protein has its lowest electrical 
conductivity and its lowest viscosity at its ISOELECTRIC POINT. 


isogonal \i-'siig-an-"I\ adj. 
MATHEMATICS. Having equal angles. 


An equilateral triangle is an 1soconau triangle. 


isogonic lines \,i-so-'giin-ik ‘Imz\ 
EARTH SCIENCE. The lines drawn on a map connecting points 
that have equal magnetic declination. Along any one of these 
lines, a compass would point to magnetic north at a constant 
angle east or west of true north. 


Because the earth's magnetic poles move slightly over a period 
of time, new maps showing 1soconic LINEs must be made peri- 
odically. 


isomers \'i-so-moarz\ n. 

1. cuemistry. Two or more molecular compounds composed 
of the same number and kind of atoms but in which the mole- 
cules have different arrangements of atoms. Properties such as 
the boiling point, density and rate of chemical reaction may 
be different in isomers. 2. ruysics. Two or more radioactive 
nuclei having the same atomic number and atomic mass but 
existing for a measurable time in different energy states. The 
form of higher energy decays to the lower energy form (iso- 
meric transition ). 


Ordinary ether and butyl alcohol are isomers having the for- 
mula C,H 0. 


isomorph \'i-so-,morf\ n. 
BIOLOGY. An organism similar to another organism of different 
species or race, resulting from convergence. 


The resemblance of an 1somonex to another organism is super- 
ficial, rather than morphological. 


/ 
ISOBARS 


ISOGONIC LINES 


Side C 


SOSCELES TRIANGLE 


SOUTH AMERICA 


isthmus 


isoperimetric \,i-s0-,per-a-'me-trik\ adj. 
MATHEMATICS. Descriptive of two or more closed geometric 
figures that have equal perimeters. 


ISOPERIMETRIC figures generally do not have equal areas. 


isosceles trapezoid \i-'siis-a-,léz 'trap-9-,z0id\ 
MATHEMATICS. A four-sided figure having two parallel sides 
yas two nonparallel sides and whose nonparallel sides are 
equal. 


Base angles of an 1sosceLEs TRAPEZoW are equal to each other. 


isosceles triangle \i-'säs-ə-,lēz 'tri-,an-gal\ 
MATHEMATICS. A triangle having two equal sides. 


If one base angle of an 1sOsCELES TRIANGLE is known, its other 
angles can be determined. 


isostasy \i-'sas-ta-sé\ n. 

EARTH SCIENCE. The state of balance between high and low 
masses of the earth’s crust. The higher masses have a lower 
average density, thus projecting above the heavier parts of 
the crust. 

An assumption made in explaining mountain structures by 
isosrasy is that mountains have deep roots of the same mate- 
rial as the mountains themselves. 


isotherm \'i-se-,tharm\ n. 
EARTH SCIENCE. A line drawn on a weather map connecting 
points having the same temperature at, or during, a given 
time. 
An 1soTHERM representing average temperature of a large area 
generally has an east-west orientation. 


isotope \'i-se-,top\ n. 
pata te? RAN that differs from another atom, or other 
atoms, of the same element because it has a different number 


of neutrons in its nucleus (different atomic weight). 


Deuterium is an 1soToPE of hydrogen. 


isthmus \'is-mos\ n. 
EARTH SCIENCE. A narrow 
areas of land, or a large area of land 


North and South America are joined by the istumus of 
Panama. 


strip of land that connects two large 
and a peninsula. 


179 


180 


Japan current \jo-'pan 'kər-ənt\ 
EARTH SCIENCE. A warm current, originating in tropical waters, 
that flows past Japan and northeastward across the Pacific 
Ocean, 


The JAPAN cuRRENT has a warming effect on the Pacific Coast 
of North America. 


JATO \\jat-(,)5\ adj. 
AERONAUTICS, Referring to a jet-assisted takeoff. It is a means 
of reducing the takeoff distance of piston-engined aircraft by 
using small rocket engines to increase takeoff speed. 


Jato rockets are most frequently used by military aircraft and 
are attached to either the fuselage or the wings. 


jejunum \ji-'jii-nom\ n. 
ANATOMY. One of three parts of the small intestine, It lies be- 
tween and connects the other two, the duodenum and the 
ileum. 


The jejunum is approximately 9.5 feet in length. 


jet propulsion \'jet pra-'pal-shan\ 
AERONAUTICS and astRoNavtics. The thrust produced when 
pressurized gases or liquids escape through an exhaust nozzle; 
the forward thrust of an aircraft or sea craft by one or more 
jets of burning gases. 


JET PROPULSION can be demonstrated by releasing an inflated 
toy balloon and observing its resulting forward motion. 


jet stream \'jet 'strém\ 
EARTH SCIENCE. A high-speed current of wind that occurs at 
altitudes of 20,000 to 40,000 feet and moves from west to east. 
By flying in a JET STREAM, a pilot flying eastward may increase 
his ground speed by 50 to 100 miles per hour. 


joint \'joint\ n. 
1. anatomy and zooxocy. A place where two or more bones 
are connected or joined; also, a junction between bones or be- 
tween cartilage and bone. 2. porany. The node of a stem or 
grass where leaves or branches are developed. 3. EARTH SCIENCE. 
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junction 


A fracture, or break, formed along a plane of weakness in a 
rock mass. 


The ball-and-socket jour in the hip permits free movement 
in several directions. 


joule \'jii(a)I\ n. 
puysics. A unit of energy or work equal to 10,000,000 ergs. 
It is a derived unit of the meter-kilogram-second system of 
units and equals the energy expended when an unbalanced 
force of one newton acts through a distance of one meter. 


When an electrical appliance uses electrical energy at the rate 
of one JOULE per second, it is rated at one watt. 


Joule’s law \'jii(a)Iz ‘lo\ 

puysics. A principle stating that the heat produced in a con- 
ductor by an electric current is proportional to the resistance 
of the conductor, the square of the current and the time the 
current flows. 

According to youxe’s Law, heat produced by the electricity 
flowing through a 100-watt light bulb for one hour will heat 
one kilogram of water from approximately 57° F. to its boiling 
point. 


jugular vein \'jog-yo-ler 'vān\ 


ANATOMY. Any one of four major veins in the neck that returns 
blood from the head back to the heart. 


An external yucuLan vew receives blood from the face and 
neck. 


Julian calendar \'jül-yən 'kal-ən-dər\ 
ASTRONOMY. A calendar instituted by Julius Caesar in Rome 
in 46 s.c. in which the year was divided into 365 days with one 
day added to the month of February every fourth (or leap) 
year. After modification by Pope Gregory XIII in 1582, it be- 
came the basis for our present-day calendar. 


The JULIAN CALENDAR was modified because its year did not 
correspond closely enough with the actual period of the earth's 


revolution around the sun. 


junction \'jon(k)-shon\ n. 
puysics. A surface or point at which two different objects or 
materials come in contact with each other or are joined to- 


gether; see p-n junction and transistor. 


A JUNCTION of iron wire and brass wire, often called a thermo- 


couple, will produce an electrical voltage when heated. 
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°K, 
An abbreviation for a temperature measured on the Kelvin 
temperature scale. See Kelvin temperature scale. 


kame \'kām\ n. 
EARTH SCIENCE. A cone-shaped mound made of layers of gravel 
and sand formed by the sediment carried to the edge of a 
glacier by streams of meltwater, 


The layered sand and gravel in a Kame is called stratified drift. 


karst topography \'kärst tə-'päg-rə-fē\ 
EARTH SCIENCE. A land area with an irregular surface of sink- 
holes, caused when surface water and ground water dissolve 
the soluble bedrock, usually limestone. 


In an area having Karst TOPOGRAPHY, there are few surface 
streams because most of the drainage is underground. 


Kelvin temperature scale \'kel-van ‘tem-par-,chu(a)r ‘skal\ 
CHEMISTRY and PHYSICS. A temperature scale that starts with 
zero as the lowest temperature possible (about —273.1° C.) 
and has no negative numbers; also called absolute temperature 
scale; abbr. K. 


On the KELVIN TEMPERATURE SCALE, the boiling point for water 
is about 373° K. 


Kennelly-Heaviside layer \'ken-*l-6-"hev-é-,sid 'lā-ər\ 
EARTH SCIENCE. A layer in the ionosphere 50 to 80 miles above 
the earth’s surface containing ionized air particles that make 
long-distance shortwave radio communications possible by re- 
flecting and refracting certain frequencies; also called E layer; 
see ionosphere. 


The height of the KENNELLY-HEAVIsE LAYER varies from day to 
night, accounting in part for accompanying differences in radio 
reception, 


Kepler’s laws \'kep-larz 'lóz\ 
ASTRONOMY. Three laws concerned with the motion of planets, 
first stated by Johannes Kepler: (a) The orbit of a planet is an 
ellipse with the sun at one focus, (b) Aline joining the planet 
with the sun sweeps out equal areas of space in equal time 
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intervals. (c) The squares of the periods of any two planets 
are proportional to the cubes of their average distances from 
the sun. 


KEPLER'S LAWS also apply to the motion of the moon and arti- 
ficial satellites around the earth, except that “the earth” re- 
places “the sun” in the statement of the laws. 


kernel \'korn-*l\ n. 
1. BOTANY. A plant seed, protected by a covering or husk, that 
has the ability to grow when planted or when it falls in a place 
favorable for growth; also, the inner portion of a seed. 2. 
anatomy. A hard swelling beneath the skin; also, a small gland 
or structure resembling a gland. 


Near the top of a corn KERNEL, on the same side as the embryo, 
is found a tiny point, the silk scar, where the corn silk was at- 
tached. 


kerosine\'ker-a-,sén\ n. 
CHEMISTRY. A colorless mixture of hydrocarbons, obtained by 
the fractional distillation of petroleum and used as a fuel. It 
was once called coal oil because it was originally obtained by 
the destructive distillation of coal; also spelled kerosene. 


KEROSINE is used as fuel in many turbine and turbojet engines. 


ketones \'ké-,t6nz\ n. 
CHEMISTRY. A class of compounds characterized by two hydro- 
carbon radicals joined by a carbonyl (CO) group. 


Acetone, the most common of the Ketones, will dissolve many 
substances that are insoluble in water. 


kettle \'ket-*l\ n. 
EARTH SCIENCE. A basinlike depression formed when a detached 
block of glacial ice that has been partially or completely cov- 


ered with drift melts. 


A lake or swamp may form if water drains into a KETTLE. 


key \'ké\ n. 
1. EARTH SCIENCE. A low island of sand or coral located near a 
coast. A key is often one of a chain of islands. 2. Biotocy and 
EARTH SCIENCE. A chart, table or outline that contains a short 
description of the identifying characteristics of a group of 
plants, animals, rocks or fossils and that is used to identify un- 
known specimens. 


Key West is located on a xex at the southern tip of Florida. 
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key punch 


key punch \'ké 'panch\ 
ENGINEERING. A keyboard-operated machine that cuts coded 
holes in punch cards, which are then read by computers or ac- 
counting machines; also called card punch. 


When one key of a xey puncu is depressed, the card advances 
one space through the machine. 


kidney \'kid-né\ n. 
ANATOMY. In man, one of a pair of bean-shaped glandular or- 
gans located at the back of the abdominal cavity, one on each 
side of the spinal column. The kidney functions as a filter to 
remove waste products of metabolism from the blood. 


A xwney in adults usually weighs four to six ounces. 


kilocalorie \'kil-o-,kal-(a-)ré\ n. 
pHysics. The amount of heat that is necessary to raise the tem- 
perature of a kilogram of water one degree C. It is equal to 
1,000 calories, or 4,184 joules. 


The calorie used to express the energy content of food is really 
4 KILOCALORIE, 


kilocycle \'kil-ə-,sī-kə]\ n. 
PHYSICS. A unit equal to 1,000 cycles that is commonly used to 
mean 1,000 cycles per second in expressing the frequency of 
radio and sound waves; abbr. ke or ke/s. 


A xwocyct is equal to 1/1,000 megacycle. 


kilogram \'kil-o-,gram\ n. 
MATHEMATICS, A unit in the metric system equal to 1,000 grams, 
or 2.2046 pounds, and used to measure mass and weight. 


The xtocram is a standard unit of mass in most scientific work. 


kilometer \ kil-'äm-ət-ər\ n. 
MATHEMATICS, A unit in the metric system equal to 1,000 meters, 
3,280 feet or 0.6214 mile, used to measure distance. 


Km is the abbreviation for xomerer, 


kilowatt \'kil-o-,wiit\ n. 
PHYSICS. A unit of power equal to 1,000 watts, or to energy con- 


sumption at the rate of 1,000 joules per second. It usually is 
used in reference to electrical power. 


An electric motor rated at one horsepower uses electrical en- 
ergy at a rate of about 34 xmowarr. 


KILOCYCLE 


kinetic energy 


kilowatt-hour \'kil-ə-,wät-'aù(-ə)r\ n. 
puysics, A unit of energy or work equal to the amount of energy 
used by an electrical device operating for one hour and having 


N i a power rating of one kilowatt. 
In the future, nuclear reactors may produce electricity ata 
lower cost per KILOWATT-HOUR than conventional coal and 
steam plants do now. 
h 9 


WATT-HOUR 
1° ¢ METER oy 
2 . . PAN i P 
i N KILOWATT-HOUR \ kindling temperature \'kin-(d)lin 'tem-pər-,chù(ə)r\ 
cuemistrY. The lowest temperature at which a substance will 
start to burn. 


1,629 kilowatt-hours) 


Paper has a lower KINDLING TEMPERATURE than does coal. 


kinescope \'kin-a-,sk6p\ n. 
ENGINEERING. The picture tube of a television receiver. In oper- 
ation, a beam of electrons is moved across and up and 
down over the fluorescent screen while, at the same time, 
the intensity of the beam is varied in accordance with light 
and dark areas of the image produced in the transmitting 
camera, 


In the xmescore, the beam of electrons is directed by a vari- 
able magnetic field. 


kinesiology \kə-,nē-sē-'äl-ə-jē\ n. 
MEDICINE and PHYSIOLOGY. The study of the muscular move- 
ments of the body and of how the body’s organs are affected 
by these motions. 


KINESCOPE (PICTURE TUBE) 


The principles of xwesiorocy are used in the rehabilitation of 
infantile paralysis patients. 


kinesthetic sense \,kin-as-'thet-ik 'sen(t)s\ 
puysioLocy. The perception of balance, body position, weight 
and muscular movement. Kinesthetic sensations arise from 
nerve endings in various parts of the body, as in muscles and 
joints. 
KINESTHETIC SENSE enables a person to know the relative posi- 
tions of his arms and legs even in a dark room. 


kinetic energy \ka-'net-ik 'en-ar-jé\ 
puysics. The energy of motion; the ability of an object to do 
work because of its motion. 


“~~ a 
NIAGARA FALLS >) 


KINETIC ENERGY 
At impact, much of a bullet's KINETIC ENERGY is changed to 


heat. 
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kinetics 


kinetics \ko-'net-iks\ n. MOLECULES MOVE FASTER 
1. pxysics. The study of the effects of force on the motion of WHEN LIQUID IS HEATED 
objects. 2. cuemusrry. The study of the speeds at which chemi- 
cal reactions occur. 


The techniques for putting satellites in orbit are based on > 


KINETICS, ina 
CAD 


kinetic theory \kə-'net-ik 'thē-ə-rē\ 
PĦysIcs. A theory that explains diffusion, heat expansion and MOLECULAR MOVEMENT 


variations in gas pressures on the basis of moving molecules, IN COOL LIQUID 
atoms or ions. The theory assumes that all molecules, except 
those at absolute zero, are in motion. KINETIC THEORY 


According to the xinevIc THEORY, raising the temperature of 
a substance is the same as causing its molecules to move 


faster. 
mm 


PLANT 


kingdom \'kiy-dam\ n. KINGDOM 


BIOLOGY. One of the two large groups, plant or animal, into 
which all living things are classed. Aigas 


Protozoo 


Organisms that belong to the animal x1Ncpom usually have 
flexible cell walls. 


X 


klystron \'kli-,striin\ n. 
PHYSICS, A special type of electron tube that replaces the usual 
vacuum tube in electronic circuits where the frequencies are 
500 megacycles or higher. 


The invention of the KLYsTRON was necessary before radar could 
become practical. 


Mammals 
ANIMAL 
KINGDOM 


km 


An abbreviation for kilometer. See kilometer. 


knee jerk \'né ‘jark\ 


PHYSIOLOGY. The natural reflexive movement of the leg caused ( . KNEE JERK 
by tapping the tendon below the kneecap while the leg is bent; f 
also called patellar reflex, $ 


The KNEE JERK test is sometimes made to detect injury to the 
spinal cord. 


knot \'nät\ n. 


MATHEMATICS. A unit of speed equal to one nautical mile, or 
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CHLORINE 
ATOM 


K-SHELL 


kymograph 


6,080 feet, per hour and used in expressing the speed of air- 
craft, ships, ocean currents and winds. 


It is not technically correct to say a ship travels 20 knots per 
hour, since the unit xnor already includes the time factor. 


Koch’s postulates \'koks 'piis-cho-,lats\ 

BIOLOGY and MEDICINE. The four requirements for proving that 
a particular microorganism has caused a particular infectious 
disease. They are, in sequence, (1) the particular microorgan- 
ism must be identified wherever the disease is found; (2) the 
same microorganism must be grown in isolation in a culture 
outside the host; (3) the same microorganism must, when trans- 
ferred from the culture to a host, cause the original disease; (4) 
the same microorganism must be identified in the diseased 
host. 


KOCR’S POSTULATES were developed by the German doctor Rob- 
ert Koch, who applied them to identify the microbes causing 
anthrax, tuberculosis and cholera. 


Krebs cycle \'krebz 'si-kal\ 
BIOLOGY. A sequence of oxidation-reduction reactions that forms 
a central phase of cell metabolism. The cycle involves citric 
acid and many enzymes and coenzymes and generates an en- 
ergy supply for the cell in the form of adenosine triphosphate; 
also called citric acid cycle. 


Waste materials formed during the KrEBs CYCLE are given off 
by the cell as water and carbon dioxide. 


K-shell \'ka-shel\ n. 
cuemistry and puysics. One of the seven principal energy 
levels, identified by the letters K, L, M, N, O, P and Q, that 
electrons may occupy in an atom; the first, or lowest, principal 
energy level that electrons may occupy in the Bohr model for 
the atom. 


Some artificial radioisotopes capture, or absorb, an electron 
from the x-suext in the process of radioactive decay. 


kymograph \'ki-mo-,graf\ n. 
MEDICINE and PHYSIOLOGY. A device that consists of a rotating 
drum covered by a cylinder of paper on which a record of wave 
or pulselike movements may be traced. 


A xymocrarH is powered by an electric motor or by a steel 
spring. 
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laboratory \'lab-(a-)ra-,tor-é\ n. 
A place specially equipped for scientific research, experimenta- 
tion or testing; also, an environment, such as a woods, the ocean 
floor or outer space, that is used in scientific research, 


An industry may have a LABORATORY for testing current prod- 
ucts and for developing new products. 


laccolith \'lak-a-,lith\ n. 
EARTH SCIENCE. A dome-shaped mass of igneous rock, often 
granite, lying between layers of sedimentary rock. It is formed 
from molten rock that has been forced between the sedimentary 
layers. 


A raccoLrrH forces the overlying sedimentary rocks into a 
domed structure. 


lachrymal glands \'lak-ra-mol 'glandz\ 
anatomy. The tear glands that lie at the upper and outer part 
of the eyeball and open by several ducts inside the upper eye- 
lids at the outer corners of the eyes. 


Tears from the LACHRYMAL GLANDs contain a material that in- 
hibits bacterial growth. 


lacquer \ 'lak-ər\ n. 
CHEMISTRY. A protective or decorative coating that is composed 
of certain carbon compounds dissolved in a volatile, or quickly- 
evaporating, solvent. 


Paint dries by reacting with oxygen, but LACQUER dries by the 
evaporation of solvent. 


lacteal \'lak-té-al\ 
1. anatomy (N.). A lymph vessel that takes up the chyle from 
the small intestine and passes it on to the blood. 2. zootocy 
(Adj.). Pertaining to milk; also, carrying or containing the 
milky fluid chyle, a product of fat digestion. 


A LACTEAL is an important part of the lymphatic system. 


lactose \'lak-,tds\ n. 


CHEMISTRY. Cy2H»2031. A sugar that occurs in milk; a disaccha- 
ride, 


Milk sours as enzymes turn Lactose into lactic acid. 
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lanthanide series 


| lagoon \lə-'gün\ n. 

EARTH SCIENCE. À body of salt water between the mainland and 
a low barrier island or within an atoll; also, a body of fresh 
water that connects with a larger lake or a river. 


A racoon may be a shallow saltwater lake with restricted con- 
nections to the ocean, 


lake \'lak\ n. 

. 1. EARTH SCIENCE. A body of water surrounded by land. 2. 
LAGOON CHEMISTRY. A colored, insoluble substance permanently fixed 

within the fiber of yarn or cloth as a result of certain dyeing 

processes. 


A iaxe that has an outlet through which dissolved materials 
flow usually remains a freshwater lake. 


LAMBERT CONFORMAL Lambert conformal projection \'lam-bərt kon-'for-mol 
PROJECTION pro-'jek-shon\ 

EARTH SCIENCE. A map of the earth’s surface, made by projecting 

surface features onto a cone that intersects the earth at two 

standard parallels. The resulting map has less than two-percent 

distortion of the area between the standard parallels. 


The aeronautical charts of the United States are based on a 
LAMBERT CONFORMAL PROJECTION with standard parallels of 
33 and 45 degrees north. 


lampblack \'lamp-jblak\ n. 
cHEMIsTRY. The element carbon in the form of very fine parti- 
cles; also, the soot produced by burning oil in a limited supply 


Lanthanum Terbium S 
la _57 Tb 65 of air. 
Canon Dysprosium LAMPBLACK is used as a coloring substance in the production 
Co 58 Dy 66 of ink, paint and automobile tires. 
Praseodymium [ Holmium 
59 Ho 67 = 
S land breeze \'land 'brēz\ 
Neodymium Erbium EARTH SCIENCE. The movement of air from land areas toward a 
pee l Eres lake or sea. Such a movement usually occurs at night and in the 
Promethium Thulium early morning when land temperatures are lower than water 
Pm ól Im 69 temperatures. 
Samarium Ytterbium A LAND BREEZE results when air cooled by radiation produces 
Sm 62 TEND a high-pressure area over land and a low-pressure area over 
Europium Lutetium | water. $ 
Eu_63 lu 71 
Gadang lanthanide series \'lan(t)-thə-mīd 'si(ə)r-(,)ēz\ 
cuemustry. Fifteen elements (including lanthanum) that are 
LANTHANIDE SERIES similar to lanthanum in physical and chemical properties, with 
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atomic numbers from 57 through 71; also called rare-earth 
elements. 


Several minerals containing elements of the LANTHANIDE SERIES 
are found along the seacoast in the Carolinas. 


lapse rate \'laps 'rat\ 


EARTH SCIENCE. The rate at which temperature decreases as 
altitude increases; temperature gradient. 


The normal Larse rate is a 3.5° F. decrease in temperature 
per 1,000-foot increase in altitude. 


large intestine \'lärj in-'tes-tan\ 


anatomy. That part of the digestive tract that consists of the 
cecum, the colon and the rectum. 


A large part of the water present in the material entering the 
LARGE INTESTINE is reabsorbed into the bloodstream. 


larva \'lär-və\ n. 


zootocy. An early stage in the development of those animals 
that show a marked change in structure when they become 
adult, 


The young insect that hatches from an egg is known as a Larva 
until it develops into a pupa. 


larynx \'lar-in(k)s\ n. 


1. ANAToMy. The organ of voice, that is situated between the 
trachea and the base of the tongue. The larynx contains the 
vocal cords that, by contracting and relaxing, produce changes 
in the pitch of the voice. 2. zoorocy. A similar structure in other 
animals, 


The sound of the voice comes from the Larynx, but it is modi- 
fied by the nasal chambers and the mouth. 


laser \'lā-zər\ n. 


PHYSICS, An electronic device for generating light that has a 
narrow frequency range and is confined to a small, nondiverg- 


ing beam. It produces photons that are in phase with each 
other. 


The word Laser is made from the initial letters of the phrase 
“light amplification by stimulated emission of radiation.” 


latent \'lat-*nt\ adj. 


Pertaining to something present but inactive; dormant. 


LATENT viruses may live in an organism for a long time without 
producing disease. 


LARGE 
INTESTINE 
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latent heat \'lit-°nt ‘het\ 
puysics. The heat absorbed or released when a substance 
changes state, as from solid to liquid or liquid to gas, as op- 
posed to the heat required to change the temperature of the 
substance. 


The approximate 540 calories of heat required to change 1 
gram of liquid water at 100° C. to steam at 100° C. is an ex- 
ample of LATENT HEAT. 


latent image \'lat-°nt 'im-ij\ 
paysics. An invisible image formed on a light-sensitive emulsion 
by exposure to light. The image can be made visible through 
the developing processes used in photography. 


The rate at which a Latent mace is formed is not affected by 
temperature. 


100°E 120°% 140°% 160% 


lateral \'lat-ə-rəl\ adj. 
Pertaining to the side; also, situated on the side; also, branching 
from the middle toward the side. 


A LATERAL moraine is one that is deposited along the side of a 
glacier. 


latex \'lā-teks\ n. 
1. sorany. A milky secretion produced by, or found in, cer- 
tain plants. 2. cHEMISTRY. A suspension of colloidal particles 
of rubber in a liquid. 


LATEX collected from the sapodilla tree is used in the manu- 
facture of chewing gum. 


latitude \'lat-a-,t(y)iid\ n. 
EARTH SCIENCE. The measurement in degrees of distance north 
or south of the equator, the angle being between the equatorial 
plane and a line from the center of the earth to the earth’s sur- 


face. 


One degree of Latrruve is equal to a distance of approximately 
69 miles anywhere on the earth's surface. 


lava \'lä-və\ n. ji 
EARTH SCIENCE. Molten rock that escapes from the earth’s in- 
terior through breaks in the earth’s surface; also, the rock 
formed when the molten material has solidified. 


Molten rock is called magma when inside the earth and Lava 
when it flows onto the earth's surface. 
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